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SUMMARY 
 
Cobalt oxide is deposited on dimensionally stable anodes (DSA®) during 
electrowinning of cobalt from acidic chloride solutions. This anode scale 
formation is undesirable for industrial operations, since it has a negative 
effect on productivity, energy consumption, working conditions and anode 
service life. The objective of the present work was to obtain a deeper 
understanding of the cobalt oxide deposition reaction, and to develop 
alternative methods to suppress or eliminate anode scaling. 
 
Electrowinning of cobalt from industrial cobalt chloride electrolyte was 
investigated. Galvanostatic electrolysis experiments were carried out in a 
three-electrode electrochemical cell, and in a pilot cell at Xstrata Nikkelverk 
AS, Kristiansand, Norway. Each of the six anodes in the pilot cell, of same 
size and design as used in commercial cells, was surrounded by a diaphragm 
bag to collect the produced chlorine gas. Anode materials were supplied by 
Permascand AB, Ljungaverk, Sweden. Cobalt oxide deposits and DSA®-type 
anodes were characterized using scanning electron microscopy, x-ray 
diffraction analysis and electrochemical techniques. To support the 
interpretation of the experimental results, ionic activity and chloro complex 
formation were estimated theoretically for concentrated cobalt chloride 
solutions. 
 
Black cobalt oxide deposit collected from anodes in the Xstrata Nikkelverk 
cobalt tankhouse was identified as alpha cobalt oxyhydroxide (α-CoOOH, 
heterogenite 3R). The cobalt content was about 60 %, and smaller amounts 
of manganese, silicon, chloride and sulphate were also detected. Sulphate 
ions were incorporated preferentially over chloride ions. Fresh cobalt oxide 
films prepared in the laboratory showed similar but less crystalline structure. 
The deposit covered the entire DSA® surface. 
 
The extent of anodic formation of cobalt oxide was found to be highly 
dependent on several key electrowinning parameters. No anode scaling was 
observed at pH levels below 0.7, while at pH levels above 2, cobalt oxide 
precipitated in the bulk solution as well as on the DSA®. The anode potential 
stabilized at relatively low levels after the electrode was covered by cobalt 
oxide, indicating good electrocatalytic activity and high electrical 
conductivity of freshly prepared films. In the pilot cell, the anode gas 
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typically contained 98 % chlorine, 1 % oxygen and 1 % nitrogen, the latter 
due to dilution by air. 
 
The rate of cobalt oxide deposition increased with increasing cobalt chloride 
concentration. Although the anode potential was lowered when sodium 
chloride was added to the electrolyte, anode scaling was not suppressed. This 
was explained by a higher cobalt activity. Introduction of sulphate ions to the 
chloride electrolyte inhibited cobalt oxide growth, while higher growth rates 
were observed in all-sulphate electrolyte. Accelerated rates of anode scaling 
with increasing current density and temperature along with no significant 
influence of the degree of convection indicated that the cobalt oxide 
deposition reaction was activation controlled. The anodic current efficiency 
for cobalt oxide deposition was reduced when increasing the current density 
at higher pH. 
 
Ruthenium-iridium-titanium and iridium-tantalum mixed oxide electrodes of 
constant nominal composition were prepared by thermal decomposition at 
temperatures ranging from 350 to 500°C. When the temperature was 
lowered, the coatings became less crystalline and the electrochemically 
active surface area increased. The low-temperature electrodes showed higher 
activity for chlorine evolution, and the deposition of cobalt oxide was 
extensively suppressed. Build-up of cobalt oxide films on graphite and pure 
titanium electrodes resulted in depolarization of the chlorine evolution, and 
the nature of the deposited cobalt oxide seemed to protect titanium from 
passivation. 
 
Hydrogen peroxide added to the electrolyte was consumed both at the 
cathode and by reaction with dissolved chlorine, resulting in reduced current 
efficiencies for cobalt and chlorine. However, the electrolyte acidity 
increased, and less anode scale was generated. Cobalt oxide deposits were 
not completely stable at open circuit potential, and the accumulation of 
anode deposit was reduced by operating with periodically interrupted current 
at low frequency. Periodically reversed current was more effective, but the 
deposited cobalt metal was bent due to internal stresses. Short-circuiting of 
the pilot cell resulted in only partial dissolution of cobalt oxide, owing to 
preferential reduction of dissolved chlorine. 
 
In most of the pilot experiments, pH in the anode compartments was higher 
than in the cathode compartment. This difference in pH was explained by 
low rates of anodic oxygen evolution combined with hydrogen ions taking 
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part in the current transport across the diaphragm, thus migrating out of the 
anode bags towards the cathodes. This view was supported by estimating the 
anolyte pH from the proton balance for an anode compartment, showing 
excellent agreement with the experimental results. Consequently, the anolyte 
pH was decreased by increasing the rate of anolyte flow, suppressing the 
formation of cobalt oxide. When hydrochloric acid was added inside the 
anode bags, a large difference in pH was obtained between the anolyte and 
the catholyte. The cobalt current yield was then improved by increasing the 
pH of the feed electrolyte, with simultaneous inhibition of anode scaling. 
 
The experimental results clearly demonstrated that several of the possible 
methods to suppress anode scaling had detrimental effects on other important 
parameters of the cobalt electrowinning process. Lower electrolyte pH, 
lower cobalt chloride concentration and lower temperature resulted in 
reduced cathodic current efficiency for cobalt and increased cell voltage, 
with adverse effect on productivity and energy consumption. The DSA® 
coatings prepared at reduced temperatures were also shown to be less stable 
than the commercial coatings. 
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Chapter 1 
 
 
INTRODUCTION 
 
 
1.1 Cobalt in general 
 
Cobalt is a relatively common element in nature, and the earth’s crust 
contains 0.002 %, which ranks it no. 33 in abundance [1]. It is an essential 
element for all animal life and is the central constituent of vitamin B12, 
which catalyses the regeneration of red blood cells. The metabolism of 
vitamin B12 and the daily ingestion of cobalt-containing foodstuffs provide 
the most significant source of cobalt in the human body. An adult human 
body contains around 3 mg of cobalt, and malabsorption of vitamin B12 or 
diet deficiency can lead to anaemia. On the other hand, the ingestion of 
relatively high levels of cobalt may pose health risks to humans. Cobalt salts 
(1-2 ppm) were added to beer as a foam stabilizer in the 1960’s, and heart 
disease with subsequent death was reported among heavy beer drinkers. 
 
The name cobalt is derived from the German term “kobold” applied in the 
14th century to the gnomes living in the silver mines of Schneeberg. Certain 
ores were difficult to smelt and produced toxic arsenic vapours when 
roasted, and these problems were blamed on the “kobolds”. The name nickel 
has a similar origin (“Old Nick”). 
 
Commercially, cobalt has been used to colour pottery and glass from at least 
2000 B.C. Metallic cobalt was isolated in 1735 by the Swedish scientist G. 
Brandt, and electroplating of cobalt was performed for the first time in 1842. 
Colouring from oxides and silicates was the main use up to the 20th century, 
and even in 1916 the global cobalt output was only 554 metric tonnes (mt), 
of which 400 mt was in the form of oxide. The development of the stellite 
cobalt chrome alloys by E. Haynes in the early 1900’s caused a great leap in 
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the use of cobalt, and other new applications resulted in a steady increase in 
demand through the 20th century. The total refined cobalt production in 2007 
was close to 54 000 mt [2]. 
 
Due to its ability to impart strength and corrosion resistance at high 
temperatures, cobalt is favoured in alloys used in high temperature 
applications, e.g. gas turbines, jet engines and high speed tools. Cobalt is a 
ferromagnetic material, and it retains its magnetism up to 1121°C, the 
highest Curie temperature known. Hence, cobalt is vital in the magnet 
industry. Other applications include its use as a drying agent in paint, a 
catalyst in the petroleum industry and in the medical field, in prosthetics and 
radiology. The use of cobalt in electronics has grown enormously during the 
last years, in magnetic recording and especially in the battery sector. Cobalt 
is an important component in nickel-cadmium, nickel-metal hydride and 
lithium-ion rechargeable batteries, and in 2007 the manufacture of batteries 
represented about 22 % of the total cobalt consumption [3]. As a result of the 
economic growth in China combined with constrained availability of raw 
materials from Central Africa, the cobalt price is presently all time high at 
around 50 US$/lb (April 2008). 
 
 
1.2 Cobalt production 
 
Cobalt is mainly recovered as a byproduct from copper and nickel 
production. The raw materials are sulphide, oxide and arsenide ores together 
with slags and recycled materials. Polymetallic deep sea nodules are a large 
potential source of cobalt, but they have not yet been exploited commercially 
due to high processing costs [4]. 
 
Until recently, most of the cobalt was supplied from the Copper Belt located 
along the border between the Democratic Republic of Congo (DRC) and 
Zambia, where copper and cobalt are produced by a roast-leach-
electrowinning process. However, during the last years this situation has 
changed, since the African production has declined, while the global nickel 
output has increased. Furthermore, an increasing portion of the nickel 
production is now based on lateritic ores found in tropical and subtropical 
regions, having higher cobalt to nickel ratios than the traditional sulphide 
deposits mined in Canada, Australia and Russia. Pyrometallurgy and 
hydrometallurgy are employed to upgrade nickel and cobalt, and the two 
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elements are usually separated at a late stage in the process. It is interesting 
to note that until the end of World War II, cobalt was not separated and 
ended up in the nickel product. When nuclear power reactors were 
introduced, only stainless steel based on pure nickel was tolerated, since 
cobalt would have been converted to the Co-60 isotope, a hard gamma ray 
emitter with a half-life of over five years [5]. In addition, high purity cobalt 
was needed for the newly developed aircraft jet engine. To meet these two 
new demands, the main nickel producers decided to modify their refining 
processes so that both nickel and cobalt could be extracted into pure metals. 
 
Cobalt metal is produced either by electrowinning or by hydrogen reduction. 
In the latter method, a key part of the Sherritt-Gordon process [6], aqueous 
cobalt ammine complexes are reduced by hydrogen to metallic powder in 
autoclaves operated at high pressure and high temperature (35 atm, 175°C): 
 
 Co(NH3)22+ + H2 = Co + 2 NH4+ (1.1) 
 
The reduction technique is a semi-continuous operation. Cobalt is produced 
in a cycle comprising one initial “nucleation” reduction with Na2S-NaCN 
catalyst and 30-50 “densification” reductions, in which cobalt is deposited 
on the produced cobalt particles. At the end of the cycle, the cobalt product 
is discharged, washed and dried. It is sold directly as cobalt powder or it is 
pressed into briquettes. In addition to cathodes, powders and briquettes, 
cobalt is marketed in the form of granules and as different types of oxides 
and salts. 
 
 
1.3 Electrowinning of cobalt 
 
1.3.1 General principles 
 
Cobalt cathodes are electrowon from aqueous sulphate and chloride 
solutions. The main electrode reactions with standard electrode potentials vs. 
the standard hydrogen electrode (SHE) are as follows: 
 
Cathode reactions: 
 
 Co2+ + 2 e- → Co       E° = -0.28 VSHE (1.2) 
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 2 H+ + 2 e- → H2       E° = 0 VSHE (1.3) 
 
Anode reactions: 
 
 H2O → ½ O2 + 2 H+ + 2 e-       E° = 1.23 VSHE (1.4) 
 
 2 Cl- → Cl2 + 2 e-       E° = 1.36 VSHE (1.5) 
 
 Co2+ + 2 H2O → CoOOH + 3 H+ + e-       E° = 1.6 VSHE [7] (1.6) 
 
Since cobalt is less noble than hydrogen, the cathodic deposition of cobalt 
(reaction 1.2) is accompanied by simultaneous hydrogen evolution (reaction 
1.3). However, when operating in solutions of low acidity, cobalt current 
efficiencies close to 100 % can be achieved. In sulphate media the main 
anode reaction is oxygen evolution (reaction 1.4), but if chloride ions are 
present, chlorine evolution is kinetically favoured (reaction 1.5). 
Furthermore, Co2+ ions may be oxidized up to the trivalent state in both 
types of electrolyte and form a cobalt oxyhydroxide anode scale by 
hydrolytic precipitation (reaction 1.6). More details about this anode scaling 
reaction are presented in section 1.5.3. 
 
Cobalt exists in two allotropic modifications; the hexagonal closed-packed α 
phase and the face-centered cubic β phase [8]. Although the β phase is stable 
only at temperatures above 417°C, cobalt electrodeposits often contain both 
phases, especially when deposited at low pH and low temperature. Other 
important structural features of the electrodeposits are their fibrous texture 
and the large differences in surface morphology at various electrolysis 
conditions. A shift in the cobalt deposition mechanism from a simple two 
electron transfer in acidic solutions to a pH dependent mechanism at pH 
levels higher than ~3 has been observed in both sulphate and chloride 
solutions [9-12]. Owing to hydrogen evolution, pH at the cathode surface is 
higher than in the bulk solution, and Co(OH)2 may precipitate on the cathode 
when pH is high.  
 
Several studies of the influence of the electrolysis conditions on the current 
efficiency for cobalt have been reported [8-16]. It is a general trend that 
current efficiency is enhanced by increasing the cobalt concentration, the pH 
and the temperature. In chloride solutions the current efficiency increases 
steadily with increasing current density, while in some of the studies 
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involving sulphate solutions the current efficiency was observed to 
deteriorate at high current densities [13, 15, 16]. The cell voltage is usually 
lowered when the cobalt concentration and the temperature are increased, 
due to higher electrolyte conductivity and depolarization of the electrode 
reactions. 
 
Electrowinning of cobalt from chloride solutions has several advantages over 
sulphate, like higher electrolyte conductivity, lower electrolyte viscosity, 
lower anodic and cathodic overpotentials, more uniform and ductile metal 
deposition at high current densities and higher activity of the cobalt ion, 
resulting in less sensitivity towards fluctuations in electrolyte pH. Higher 
solubility also makes it possible to operate with more concentrated solutions. 
However, more advanced cell designs are needed for the safe handling of 
toxic chlorine liberated at the anodes, and chloride solutions are more 
corrosive than sulphate solutions. The fact that smooth and coherent cobalt 
cathodes can be produced from pure chloride electrolytes without additives 
is quite unique. Except for nickel, other metals like copper, zinc and lead 
tend to form powders when electrodeposited from chloride solutions due to 
low polarization [17]. 
 
 
1.3.2 Cobalt production at Xstrata Nikkelverk 
 
Electrorefining of nickel anodes by the Hybinette process started in 
Kristiansand, Norway in 1910, based on domestic ore [18]. After takeover of 
the refinery by Falconbridge Nickel Mines Ltd. in 1929, the main feed 
material has been converter matte from the Sudbury district, Ontario, 
Canada. Falconbridge Ltd. was acquired by Xstrata plc in 2006. Originally, 
cobalt in the feed ended up in the nickel cathodes, but the conversion in 1952 
to a mixed chloride-sulphate electrolyte made the separation of cobalt 
possible. As part of the nickel anolyte purification circuit, cobalt was 
oxidized by chlorine for precipitation as cobaltic hydroxide, which was 
further upgraded to cobalt metal. 
 
Today, nickel and cobalt are leached from the raw materials using chlorine, 
and later separated by solvent extraction in the chlorine leach process [19]. 
Extracted cobalt is stripped from the organic phase with cobalt anolyte and 
water, giving a cobalt chloride electrolyte that is subjected to solution 
purification before entering the cobalt tankhouse. Here cobalt is deposited on 
titanium mother blanks or cobalt starting sheets, for one and seven days 
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respectively. Chlorine gas is produced on DSA®-type anodes, and each 
anode is encapsulated in bags of permeable synthetic cloth to collect the 
chlorine (Fig. 1.1). Catholyte is sucked into the bags and leaves the cells via 
hoods as anolyte along with the anode gas. The anolyte is dechlorinated and 
returned to the electrowinning tanks or the stripping section, while the 
chlorine gas is sent to the leaching department to dissolve more matte. 
 
 
 
 
 
 
 
 
 
 
 
 
 
Figure 1.1 End view (left) and side view (middle) of the Xstrata 
electrowinning cell [20]. Xstrata Nikkelverk cobalt tankhouse 
operating data to the right. 
 
 
1.3.3 Industrial practice 
 
A major portion of global cobalt production is in the form of cathodes 
electrowon from sulphate or chloride solutions. Operating conditions for 7 
cobalt tankhouses are summarized in Table 1.1. 
 
Industrial electrowinning of cobalt is carried out in rectangular open cells 
with alternate anode and cathode vertical plate electrodes connected in 
parallel within each cell, while the cells are connected in series. In sulphate 
solutions permanent stainless steel cathodes are mostly used, while in 
chloride solutions cobalt starting sheets are produced on titanium blanks. 
Lead alloyed with antimony (∼6 %) is the dominating anode material in 
sulphate solutions, although inert cobalt alloy anodes (Co 82 %, Si 14 %, Mn 
4 %) have been used by some African cobalt producers [21]. Lead 
contamination of the cobalt product is thus avoided, but these expensive 
 
CathodesAnodes
Inlet electrolyte composition:
Co 55 g/l, Cl 70 g/l , pH 1, 60°C
Electrowinning operating data:
- Cathodic CD 220 A/m 2
- Cobalt current efficiency 90 %
- Cell voltage 3.7 V
- Inlet flow 3.5 m 3/h,tank
- Anolyte flow 3 m 3/h,tank
- 48 cathodes/49 anodes per tank
- Anode spacing 140 mm
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anodes are affected by higher electrical resistivity and brittleness [22]. 
Graphite anodes were used in chloride media [23], but they have now been 
replaced by DSA® anodes. 
 
Table 1.1 Electrowinning operating conditions for selected cobalt refineries. 
Refinery / pH Co ∆Co 1 Temp. CD 2 CECo 3 U 4 Cycle 
Media  (g/l) (g/l) (°C) (A/m2) (%) (V) (days) 
Shituru 
SO42- [24] 6.2-6.4 30-40 - - 300 55-60 - - 
Luilu 
SO42- [21] - 45 6 70 350-400 80 - 4 
Chambishi 
SO42- [25] 1.9 30-40 4 70-75 280-400 65-70 4.8 4 or 5 
Port Colborne 
SO42- [26] 3.7 45 7 50 200 93 3.7 5 
Sumitomo 
Cl- [27] 1.2-1.5 55-65 9 55-60 233 90 3.1 8 
Jinchuan 
Cl- [28] 2 65-80 35-60 55-60 300-350 - 3.5 4 
Nikkelverk 
Cl- 1 55 5 60 220 90 3.7 7 
1
 ∆Co = Drop in cobalt concentration across the cell. 
2
 CD = Cathodic current density. 
3
 CECo = Cathodic current efficiency for cobalt. 
4
 U = Cell voltage. 
 
When operating in sulphate media, anodic production of oxygen results in 
increased acidity of the electrolyte, which has a negative effect on cobalt 
current efficiency. To counteract this, pH of the feed electrolyte is adjusted 
to high levels combined with a high circulation rate. The Gecamines Shituru 
plant in the DRC is operated with in-pulp electrolysis, where cobalt is added 
as Co(OH)2 particles suspended by air sparging, neutralizing the acid in the 
electrowinning cells as it is produced. However, extensive dendritic growth 
occurs, and the cathodes must be lifted frequently to break electric shorts. At 
the Vale Inco Port Colborne cobalt refinery, high current efficiency is 
achieved in divided cells where the anodes are bagged. This also results in 
lower levels of aerosols in the tankhouse atmosphere. Since cobalt cathodes 
are difficult to shear due to brittleness, cobalt rounds are produced by Vale 
Inco on 1 inch diameter areas not masked by dielectric heat-cured epoxy 
paint. 
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Cobalt cathodes are currently being produced from chloride solutions at 
three locations. Sumitomo in Japan operates with a technology very similar 
to Xstrata Nikkelverk, while Jinchuan in China has reported the use of 
cathode bags, ventilation hoods on the upper part of each anode and shorter 
cells with smaller electrode size. Cobalt electrowinning in chloride media 
was also practiced at a plant in Plombières, France [29], but it is now closed. 
Cathodes produced at the chloride plants and at Port Colborne contain only 
small amounts of impurities, while most of the African plants utilize thermal 
refining to upgrade the cobalt product. Cathodes are sometimes annealed at 
~800°C to remove hydrogen. 
 
 
1.4 Dimensionally stable anodes 
 
The dimensionally stable anode (DSA®) is a key component in several 
electrochemical processes, e.g. chlor-alkali electrolysis, chlorate production, 
electrowinning of metals, electroplating, copper-foil production, cathodic 
protection, electrosynthesis and waste water purification [30]. The name 
reflects the fact that this electrode retains its shape during operation, as 
opposed to graphite anodes, which are consumed over time. The DSA® 
consists of a substrate of a valve metal coated with noble metal oxides 
formed by thermal decomposition. When polarized in the cathodic direction, 
valve metals like titanium, tantalum, zirconium and niobium are able to 
conduct current. On the other hand, when polarized anodically, a non-
conducting oxide film is formed, which makes these metals extremely stable 
in many aggressive media. 
 
 
1.4.1 History 
 
Traditionally, graphite electrodes were employed for electrolytic chlorine 
production [31]. However, their use was associated with a range of 
operational problems. The graphite material was consumed over time, 
increasing the inter-electrode distance and causing slime formation. Hence, 
in order to reduce the frequency of electrode replacement, bulky electrodes 
were applied, occupying much cell space. Furthermore, the overpotential for 
chlorine evolution on graphite is relatively high, and the cell voltage was 
further increased by adhering gas bubbles and low electrical conductivity. 
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Chlorinated organic compounds harmful to the environment were also 
generated. An improved type of anode was highly demanded. 
 
When titanium metal became commercially available in the 1950’s, the 
Belgian scientist Henri Beer wanted to make an aqueous solution of titanium 
ions by anodic dissolution of the metal. Contrary to what was expected, no 
titanium seemed to go into solution, and the applied voltage increased. From 
the observed passivation and stability of titanium, Beer soon realized the 
potential of this metal as an electrode substrate. Electrodeposited metallic 
coatings on titanium were developed, and the platinized titanium electrode 
showed quite promising results in chlor-alkali cells. However, these anodes 
were very expensive, the anode potential tended to increase with time and 
the wear rate of the platinum coating was high, especially when short-
circuits occurred. The stability of the platinized titanium electrodes was later 
improved by alloying with 30 % iridium. 
 
The real breakthrough came in 1964 when Beer discovered a way to make 
metallic oxide coatings of high catalytic activity and high stability [32, 33]. 
A solution containing the coating components was applied on the titanium 
substrate, which was then thermally treated in the presence of oxygen to 
convert the coating components into oxides. This classic DSA®, still widely 
used in the chlor-alkali industry, consisted of a solid solution of 30 mole-% 
ruthenium oxide and 70 mole-% titanium oxide, representing the 
active/conducting component and the dispersing/stabilizing component 
respectively. The benefits of mixed oxide coatings, consisting of both a 
conducting and an inert film-forming component, were clearly demonstrated. 
 
Due to the excellent properties of the DSA® anode, e.g. very low 
overpotential for chlorine evolution, low levels of oxygen in the anode gas 
and dimensional stability, it soon became a great success in the chlor-alkali 
industry. The invention was commercialized by the Italian De Nora 
company, and it was introduced to the industry before the fundamental 
research of these electrodes had started at the universities. Rising energy 
prices during the 1970’s accelerated the conversion from graphite to DSA®, 
and at the end of the decade most of the chlorine plants were operating with 
DSA® anodes. The use of more efficient and environmentally friendly 
membrane cells also became feasible in combination with the DSA®. 
 
In the time after Beer’s discovery, ranked among the most important in 
electrochemistry during the last 50 years, a large number of different oxides 
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have been tested, and the DSA® anode has found new applications. Much 
effort has been put into the development of less expensive oxide coatings 
without noble metals, however, such electrodes still suffer from a lack of 
performance when compared with the original DSA®’s. 
 
 
1.4.2 Preparation and its influence on electrode properties 
 
The preparation of dimensionally stable anodes involves a series of steps, all 
influencing the properties of the final product, although some steps are more 
critical than others. The key steps in the method of DSA® preparation are 
illustrated in Fig. 1.2, and each step is then discussed separately in the 
following paragraphs. 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
Figure 1.2 Method of DSA® preparation. 
 
 
1.4.2.1 Pretreatment of substrate 
 
Titanium is usually the preferred substrate material, due to its low density 
and lower cost compared to tantalum [34]. The critical temperature at which 
an insulating oxide film is formed is also higher for titanium than the other 
valve metals. A high critical temperature means fewer restrictions in thermal 
decomposition. 
 
Pretreatment
of
substrate
Application
of
coating
solution
Drying
Thermal
decomposition
Preparation
of
coating
solution
Cooling
Final
annealing
Valve metal
substrate
DSA®
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The substrate is roughened by sandblasting followed by etching in boiling 
hydrochloric acid or hot oxalic acid. A rough surface is essential for proper 
adhesion of the coating to the support. Thick oxide films that may interfere 
with the current distribution are also removed during pretreatment. 
Remaining catalytic coating may also be removed from recycled electrodes 
by sandblasting and etching before recoating. 
 
Pretreatment is very important for anode service life. If the surface 
roughness is too low, the catalytic coating may peel off during operation. On 
the other hand, if the surface is too rough, a brittle coating may be obtained 
[35]. Since the oxide coatings are porous, the electrolyte will reach the 
underlying support. It is therefore important that the support is corrosion-
resistant. Tantalum is more corrosion-resistant than titanium, and a tantalum 
interlayer between the substrate and the coating is sometimes used to 
improve anode lifetime during oxygen evolution. 
 
 
1.4.2.2 Preparation of coating solution 
 
The coating solution is prepared by dissolving suitable precursors in aqueous 
or organic solvent. To avoid extensive hydrolytic precipitation, acid is added 
to the aqueous based solutions. Despite this acidification, hydrated oxides 
are being formed, and the interactions between these clusters and other 
dissolved ions play an important role for the structure of the final coating 
[36]. 
 
Metal chloride salts are mostly employed as precursors, and the coatings 
normally contain a few percent of residual chlorine. Different precursors 
decompose at different temperatures, e.g. nitrate salts are converted to oxides 
at lower temperatures than chlorides [37]. The valence state of the precursors 
may also have an effect. It has been shown that Ir(III)Cl3 and H2Ir(IV)Cl6 
give rise to different oxide structures, since they form different chloride 
complexes in the coating solution [36]. Whether solid solutions or separate 
oxide phases are formed is also dependent on the choice of precursors. 
Finally, the concentration of the coating solution affects the amount of 
solvent that is evaporated in the drying step, and the coating solution may 
age over time. 
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1.4.2.3 Application of coating solution 
 
Various techniques are used for the application of coating solution on the 
substrate, like brushing, spraying, dipping or rolling. The amount of coating 
solution applied will depend on the technique used. 
 
 
1.4.2.4 Drying 
 
In the drying step, the electrode is treated at temperatures around 100°C for 
5-10 minutes in order to evaporate the solvent. The rate of evaporation is 
usually higher for organic solvents than for aqueous solvents, and this may 
affect the coating porosity. In addition, certain types of precursors like SnCl4 
and H2PtCl6 are volatile, and high losses of these components have been 
observed [38]. Consequently, the ratio between the components in the final 
coating can differ significantly from the ratio in the coating solution. 
 
 
1.4.2.5 Thermal decomposition 
 
After drying, the electrode enters the thermal decomposition step, where the 
precursors are converted to oxides by heat treatment in air at temperatures in 
the normal range of 400-550°C typically for 10 minutes. 
 
The thermal decomposition temperature and the nature of the precursors are 
regarded as primary factors influencing the properties of oxide coatings. A 
low temperature results in small oxide crystallites with high surface area, 
whereas a high temperature results in crystallization and sintering, giving 
larger particles. It is well known that oxide electrodes prepared at reduced 
temperatures have a higher electrocatalytic activity, but unfortunately these 
electrodes are less stable. If the firing temperature is too low, the conversion 
of the precursors into oxides will be incomplete. On the other hand, at very 
high temperatures the underlying substrate may be covered by an insulating 
film, causing passivation or coating exfoliation [34]. The time of thermal 
treatment and the atmosphere in the furnace are two other important factors. 
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1.4.2.6 Cooling 
 
When the thermal decomposition is finished, the electrode is removed from 
the furnace and cooled at room temperature. Cracks may form in the coating 
due to the rapid drop in temperature, and it has been demonstrated that more 
compact oxide films are produced at controlled cooling rates [39]. 
 
The cooled electrode is then returned to the coating application step, and the 
sequence is repeated until the desired catalyst loading is reached. 
Commercial electrodes may consist of up to 30 layers. The electrode activity 
is improved as the number of layers is increased, but this effect is levelling 
off since the first layers become less accessible for the reacting species. The 
effect of catalyst loading is also dependent on the type of reaction. For 
instance, the facile chlorine evolution reaction is less influenced by the 
coating thickness than the more demanding oxygen evolution reaction. It 
should be mentioned that the real electrode surface area can be more than 
1000 times larger than the geometric surface area, reflecting the 3-
dimensional structure of DSA® anodes. 
 
 
1.4.2.7 Final annealing 
 
The final step in the preparation of DSA® electrodes is usually a ~1 hour 
thermal treatment at temperatures similar to that of thermal decomposition in 
order to stabilize the oxide coating. Lodi et al. [40] showed that the final 
annealing process had less effect on iridium based electrodes compared to 
ruthenium based electrodes. 
 
 
1.4.3 Chlorine and oxygen evolution 
 
1.4.3.1 Electrocatalytic activity 
 
The rate of the chlorine and oxygen evolution reactions is dependent on the 
electrode material, and it is governed by both electronic factors coupled to 
the chemical composition of the electrode and surface area effects [41]. 
Intermediates are formed, and the bond strength between these intermediates 
and the metal oxide surface is important with respect to reaction rate. The 
highest electrocatalytic activity is obtained for those oxides at which the 
intermediates are adsorbed not too weakly and not too strongly. The degree 
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of adsorption is related to the oxidation and reduction of active sites, and the 
catalytic activity is favoured by a match in oxidation potentials between the 
electrode reaction and the active component in the coating. Oxides like SnO2 
and PbO2 are in their highest oxidation states, and they are therefore poor 
electrocatalysts for chlorine and oxygen evolution [42]. 
 
In acidic chloride solutions, the oxidation of chloride ions to chlorine gas 
proceeds at a higher rate than the splitting of water molecules to oxygen gas 
and acid. Chlorine evolution is known to be a facile reaction less dependent 
on the active surface area than the more demanding oxygen evolution 
reaction. Ruthenium oxide is the most active oxide for both reactions, and 
when mixed with titanium oxide the activity becomes even higher. Such 
synergetic effects may be obtained for intimately mixed oxide structures 
[42]. Titanium oxide is non-conducting and has zero activity, so that a 
certain amount of ruthenium oxide is needed. 
 
 
1.4.3.2 Reaction mechanisms 
 
Chlorine evolution 
 
The chlorine evolution reaction at oxide electrodes was reviewed by Trasatti 
[43]. Three proposed reaction mechanisms are given below. 
 
 
Bianchi 1971: Cl- = Clads + e- (1.7) 
 
 2 Clads → Cl2 (1.8) 
 
 
Krishtalik 1975: Cl- = Clads + e- (1.7) 
 
 Clads → (Clads)+ + e- (1.9) 
 
 (Clads)+ + Cl- = Cl2 (1.10) 
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Erenburg 1981: H2O = OHads + H+ + e- (1.11) 
 
 OHads + Cl- → HOCl + e- (1.12) 
 
 HOCl + HCl = Cl2 + H2O (1.13) 
 
 
Bianchi was the first to mention a possible mechanism for chlorine 
evolution. The proposed electrochemical-chemical path had a Tafel slope of 
30 mV/decade at 25°C, and the reaction rate was controlled by the surface 
recombination of chlorine atoms, or the removal of produced Cl2 from the 
electrode. Krishtalik observed a reaction order of 1 with respect to Cl- and 
suggested a mechanism giving a Tafel slope of 40 mV/decade. In 1981, 
Erenburg published a pH dependent mechanism, where the retarding effect 
of H+ was taken into account. 
 
 
Oxygen evolution 
 
In acidic solution, oxygen evolution shows Tafel slopes of typically 40 and 
60 mV/decade on RuO2 and IrO2 respectively [44]. When the current density 
is increased, a break in the Tafel curve is sometimes observed, due to oxide 
dissolution or a change in the reaction mechanism. If the primary water 
discharge is the rate determining step, the Tafel slope becomes 120 
mV/decade at 25°C. 
 
Three mechanisms for oxygen evolution in acidic solution are given below, 
where S denotes a surface active site [44]. Note the different oxygenated 
species adsorbed on the electrode surface, and that the first and last steps are 
identical in all mechanisms. 
 
 
El. chem. oxide path: S + H2O = S-OH + H+ + e- (1.14) 
 
 S-OH = S-O + H+ + e- (1.15) 
 
 2 S-O → 2 S + O2 (1.16) 
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Oxide path: S + H2O = S-OH + H+ + e- (1.14) 
 
 2 S-OH = S-O + S + H2O (1.17) 
 
 2 S-O → 2 S + O2 (1.16) 
 
 
Krasil’shchikov path: S + H2O = S-OH + H+ + e- (1.14) 
 
 S-OH = S-O- + H+ (1.18) 
 
 S-O- = S-O + e- (1.19) 
 
 2 S-O → 2 S + O2 (1.16) 
 
 
1.4.3.3 Selectivity 
 
As pointed out earlier, chlorine evolution proceeds faster than oxygen 
evolution in acidic solutions. Hence, chlorine current efficiencies (CECl2) 
close to 100 % are often observed in chloride solutions. Improved CECl2 has 
been reported at increasing electrolyte acidity, chloride concentration, 
temperature and current density [44]. Due to specific adsorption, sulphate 
ions may reduce CECl2. 
 
The selectivity is also dependent on the anode material. DSA®-type anodes 
exhibit excellent CECl2, and the mixed RuO2-TiO2 electrode is better than the 
pure RuO2 electrode [35]. Cl2 evolution is also favoured on compact 
coatings. Doping with Sn, Sb or Bi oxides results in higher overpotential for 
oxygen, improving CECl2 even more [35]. On the other hand, if oxygen is the 
preferred anode product from chloride solution, few anode materials are 
suitable. Anodically deposited MnO2 has been shown to generate almost 
pure oxygen from sea water and saturated brine [44]. This effect was 
explained by high overpotential for Cl2 evolution on amorphous MnO2. 
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1.4.3.4 DSA® stability 
 
The wear rate of the ruthenium based DSA® electrodes employed in chlorine 
production is very low, and the lifetime of thick coatings (10-20 µm) can be 
more than 10 years before the electrodes must be recoated. Coating 
degradation in chloride solutions is linked to current density and oxygen 
evolution, and operating conditions favouring the latter reaction accelerate 
wear [45]. RuO2 is not stable during oxygen evolution, as it may then be 
oxidized up to volatile RuO4 species. Increased rates of coating dissolution 
in the case of current interruption have also been observed [44, 45]. Mixed 
oxide coatings are used industrially since they are much more stable than 
pure oxides. 
 
Due to higher anode potentials, more stable coatings are needed for oxygen-
evolving DSA®’s. The IrO2-Ta2O5 electrode with 70 mole-% iridium appears 
to be the preferred choice for oxygen evolution. Other deactivation 
mechanisms dominate in sulphate media, and passivation is one of them. The 
acidified solution penetrates the porous coating, and over time an insulating 
film of TiO2 is formed between the coating and the substrate. Large portions 
of the original coating may still be present on the surface of passivated 
electrodes [34]. At very high current densities, extensive gas bubble 
formation can cause coating detachment in the form of powder [45]. 
 
Certain electrolyte impurities can induce premature anode failure in both 
chloride and sulphate solutions. Deposits like MnO2, SiO2 and organic 
material may block parts of the anode surface [35], increasing the corrosion 
at unblocked parts due to higher local current density. Complexing agents 
like thiourea may dissolve noble metal oxides [46], and fluorides can attack 
titanium [47]. 
 
 
1.4.4 DSA® in metal electrowinning 
 
Nickel and cobalt are produced by electrowinning from chloride solutions at 
6 different locations, all using DSA® anodes. Other metals like zinc and 
copper are electrowon from sulphate solutions using lead anodes. 
Introduction of DSA® would result in lower energy consumption and 
reduced lead contamination of the cathode product, but the cost of the 
expensive oxygen-evolving coatings has been too high so far. Owing to the 
relatively low current densities employed in metal electrowinning, the value 
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of product produced per square metre anode area is low compared to the 
chlor-alkali industry [48]. 
 
Zinc electrolytes normally contain several grams per litre of manganese, 
which is oxidized at the anodes and precipitates as MnO2 slime. Increasing 
anode potential is observed for DSA®’s covered by MnO2 [49], and parts of 
the catalytic coating may detach when MnO2 flakes off. A new type of 
coating has been developed having a topcoat of valve metal oxide, and it is 
claimed that manganese deposition is considerably reduced due to diffusion 
limitations of Mn2+ compared to water [50]. Traces of fluorides in the 
electrolyte is another potential problem in the zinc electrowinning process. 
 
In order to reduce anode manufacturing costs, hybrid anodes have been 
developed for copper electrowinning, consisting of coated titanium sponge 
or mesh attached to regular lead anodes [51]. Power savings of 12 – 17 % 
and enhanced current efficiency were reported. In addition, the lead base was 
stabilized without cobalt addition so that the cathode quality was improved. 
Cobalt is usually added to copper electrolytes to stabilize the lead anodes 
(see section 1.5.5), representing a significant operating cost. 
 
 
1.5 Formation of higher cobalt oxides 
 
1.5.1 Electrochemical formation of cobalt oxide in neutral/alkaline solutions 
 
When cobalt metal is polarized anodically in alkaline aqueous solution, 
passivating cobalt oxide films with oxidation states II, III and IV can form 
on the surface [52-54]. Since the reduced Co(OH)2 form is slightly soluble, 
thick hydrous oxide films can be grown by potential cycling. The behaviour 
changes from irreversible oxide formation and reduction to the development 
of a largely reversible redox oxide film, where only the outer regions 
participate in the redox reactions. 
 
Similar behaviour is observed when cobalt oxides are deposited anodically 
on foreign substrates from neutral solutions, where cobalt is present at low 
concentrations in the form of soluble complexes or solid Co(OH)2 particles. 
Tench and Warren [55] prepared cobalt oxide films on platinum by anodic 
deposition from cobalt sulphate-sodium acetate solution at constant potential 
(0.1 M Co, pH 7.5, 1 V vs. the saturated calomel electrode (SCE)). In this 
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way 1 µm thick films were obtained, showing high electrical conductivity, 
while deposits formed at lower potentials appeared to be much less 
conducting. Chen and Noufi [56] deposited cobalt oxide on platinum and 
graphite from cobalt acetate solution by both potential cycling and 
potentiostatic electrolysis (0.05 M Co). The anodic current efficiency for 
cobalt oxide deposition was found to decrease when the potential was 
increased. Spataru et al. [57] reported the formation of discontinuous films 
of cobalt oxide on boron-doped diamond by anodic voltammetry in nitrate 
solution (< 0.002 M Co, pH 8.4). Pauporté et al. [58] prepared cobalt oxide 
films on nickel by potentiostatic electrolysis from nitrate solution (0.09 M 
Co, pH 7.4, 0.5 VSCE). The current efficiency for cobalt oxide deposition 
increased at elevated temperatures, and crystalline films were obtained for 
temperatures above 60°C. Finally, Hu and Hsu [59] studied the effect of 
complex agents (acetate, citrate, EDTA) on anodic deposition of cobalt oxide 
on graphite (0.01 M Co, pH 6.3). The oxidation potential of divalent cobalt 
ions was found to differ significantly between the complexing agents, but the 
deposition rate was also dependent on the rate of adsorption and chemical 
conversion of oxidized species into cobalt oxide deposits. 
 
 
1.5.2 Chlorine and oxygen evolution on cobalt oxide 
 
Titanium-supported cobalt oxide anodes prepared by thermal decomposition 
have been evaluated as anode material for chlorine production. Co3O4 layers 
were prepared by Boggio et al. [60], using thermal decomposition of 
Co(NO)3 on titanium between 200 and 500°C. A retarding effect of acidity 
on the anodic chlorine reaction was observed, along with a Tafel slope of 40 
mV/decade. Hence, a pH-dependent mechanism was proposed, similar to the 
one first suggested by Erenburg (see section 1.4.3.2). 
 
Contrary to Boggio et al. [60], da Silva et al. [61] did not observe any effect 
of pH on the rate of chlorine evolution on thermally prepared cobalt oxide 
electrodes (470°C). They measured a Tafel slope of about 33 mV/decade, 
and with a transfer coefficient of ~0.8, the experimental data corresponded to 
Krishtalik’s mechanism (see section 1.4.3.2).  However, the electrode was 
not stable in the acidic solution, and ruthenium oxide was introduced in the 
coating for stabilization. 
 
Cobalt oxide electrodes are much more stable in alkaline solutions, where 
high electrocatalytic activity for oxygen evolution is observed, for both 
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anodically deposited [62, 63] and for thermally prepared [64] cobalt oxides. 
Various reaction mechanisms have been suggested, most of them involving 
tetravalent cobalt. 
 
 
1.5.3  Anodic deposition of cobalt oxide during electrolysis of cobalt from 
acidic solutions 
 
In the Xstrata Nikkelverk cobalt tankhouse, cobalt oxide deposits are formed 
on the DSA® anodes at a rate of approximately 3 kg Co/anode,year. The 
anode scaling is detrimental, because the electrocatalytically active noble 
metal oxides then become less accessible to the chloride ions. Consequently, 
the cell voltage is increasing with time, and the current distribution between 
the electrodes is adversely affected. To control scale formation, the cobalt 
electrowinning process is operated at a low pH, reducing cobalt current 
efficiency. Aggressive corrosion attacks on the DSA® catalytic coating 
caused by the cobalt oxide have also been observed. 
 
Due to the unwanted scaling, the anodes are removed from the cells every 
three months for cleaning, which is a labour-intensive operation with poor 
working conditions. If not removed, some scale will grow through the 
diaphragm bags, resulting in chlorine evolution in the catholyte. Chlorine 
outside the anode bags will either be decomposed at the cathodes, reducing 
the cobalt current efficiency, or end up in the tankhouse atmosphere giving 
an unacceptable working environment. As a consequence, the consumption 
of bag cloth is high. Furthermore, some scale flakes off the anodes during 
operation. Most of this material is collected at the bottom of the anode bags, 
but some is withdrawn from the anode compartments along with the anolyte 
and accumulates in the anolyte handling system. Over time this may lead to 
clogging of piping, causing stop in production for cleaning. 
 
Kongstein [65] studied the electrolysis of cobalt from chloride solutions. He 
found that α-CoOOH was formed on DSA® anode by electrochemical 
deposition. The deposition reaction could be suppressed by lowering the pH, 
by applying cathodic pulses or by addition of hydrogen peroxide to the 
electrolyte. Grøntoft [20] pointed out that the pH should be kept below about 
1.7 during electrowinning from cobalt chloride solution when using bagged 
graphite anodes. At higher pH the anode bags were filled with cobaltic 
hydroxide precipitate, which could penetrate the diaphragms and result in 
chlorine evolution on the outside of the bags. Some information about the 
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use of DSA® in cobalt chloride media has been published in the Russian 
literature [66, 67]. Cobalt slime formation was avoided by operating with 
high acidity in the electrolyte (> 10 g/l HCl). 
 
Cobalt oxide slimes are also formed on lead anodes used in electrowinning 
from cobalt sulphate solutions. Bagged lead anodes are used in the Vale Inco 
Port Colborne cobalt refinery, and the slime produced, which contains 
typically 4 % Pb and 2 % Mn, is equivalent to ~10 kg Co/anode,year [68, 
69]. Since acid is generated on the anodes inside the bags, it has been 
demonstrated that the accumulation of slime can be reduced by decreasing 
the anolyte flow [70]. Formation of cobalt oxide on lead anodes during 
cobalt electrowinning was also observed by Das and Subbaiah [15] and 
Lenthall and Bryson [14]. Anodically formed β-CoOOH has also been 
detected in the cathode product [71]. 
 
Lakshminarayanan et al. [72] carried out cobalt plating from sulphate bath 
using a platinum anode. They found that the undesirable anodic deposition of 
cobalt oxide was suppressed by addition of vanadium pentoxide to the 
electrolyte. Oxidized cobalt was then reduced by vanadium ions of lower 
oxidation state generated at the cathode. The vanadium ions were not 
incorporated in the cobalt metal. Titanium or molybdenum could be used 
instead of vanadium [73]. Matsumoto et al. [74] showed that anodic cobalt 
oxide deposition on platinum was suppressed when lanthanide ions were 
present in the electrolyte. The lanthanide ions were incorporated in the 
CoOOH structure, thus restricting growth of cobalt deposit. In another paper 
by Matsumoto et al. [75], determination of the hydration number in CoOOH 
films using a quartz crystal microbalance was described. When CoOOH was 
deposited from chloride or sulphate solution, the hydration number was 
found to be very high during the initial stage of electrolysis before it 
stabilized at around 1. 
 
 
1.5.4 Chemical precipitation of cobalt oxide 
 
Separation of cobalt from nickel by chemical oxidation and hydrolytic 
precipitation is widely applied in the nickel industry [76, 77]. Different types 
of oxidation agents can be used, e.g. chlorine, hypochlorite, nickelic 
hydroxide (Ni(OH)3), ozone, Caro’s acid (H2SO5) or ammonium persulphate 
((NH4)2S2O8). pH is controlled in the range of 2 – 5 by addition of base. Low 
pH results in almost pure Co(OH)3 and some remaining cobalt in solution, 
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while high pH results in extensive coprecipitation of nickel. Mobbs and 
Mounsey [78] found that no cobalt oxide was precipitated at pH levels below 
2, using Caro’s acid in sulphate solution. In the case of ozone as oxidizer, 
Nikolic et al. [79] did not observe any cobalt oxide formation when the pH 
was lower than 3. 
 
The mixed Co(OH)3-Ni(OH)3 precipitates formed are leached with sulphuric 
acid to dissolve most of the nickel, before cobalt is dissolved using a 
reduction agent in acid media. Various reductants may be utilized, like 
sulphur dioxide, sodium sulphite, methanol, formalin or hydrogen peroxide. 
 
 
1.5.5 The role of cobalt as an additive in copper electrowinning 
 
Addition of small amounts of cobalt (~100 mg/l) to acidic copper sulphate 
electrolytes for electrowinning has become common practice in the copper 
industry [80]. The presence of cobalt in copper electrolyte results in 
depolarization of oxygen evolution on lead anodes, in the range of 0.1 – 0.2 
V depending on concentration [81]. In addition to reduced energy 
consumption, the corrosion rate of the lead anodes is reduced, increasing 
their lifetime and improving product quality through lower levels of lead 
contamination of copper cathodes. 
 
Gendron et al. [81] found that the scale formed on the lead anode surface 
contained no significant amounts of cobalt. They explained the catalytic 
effect of cobalt by electrochemical oxidation of Co2+ to Co3+ at the anode, 
followed by reduction of generated Co3+ ions with simultaneous oxidation of 
water to oxygen gas. Hyvärinen [82] investigated the oxygen evolution 
reaction on lead from sulphuric acid solutions with different concentrations 
of cobalt. Deposited cobalt oxide was detected on the lead surface, and a 
mechanism for oxygen evolution involving tetravalent CoO2 was proposed. 
It was further assumed that Co2+ ions reacted with OH species adsorbed on 
the anode surface. 
 
 
1.6 Scope of the present work 
 
This work is a continuation of the studies on electrowinning of cobalt carried 
out by Kongstein [12, 65, 83]. Since the cathode process was examined in 
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great detail by Kongstein, focus was put on the anode process in chloride 
media, with emphasis on the undesirable deposition of cobalt oxide scale on 
dimensionally stable anodes. Influence of key operating parameters should 
be investigated, along with alternative methods to suppress or eliminate 
anode scaling. Larger scale testing in a new pilot plant at Xstrata Nikkelverk 
should also be a key part of the study. 
 
The present work is part of Eureka project 2440 Depolarised Anodes for 
Electrowinning of Metals (DEANEW). Helsinki University of Technology, 
The Royal Institute of Technology (Stockholm), Norwegian University of 
Science and Technology, Outotec Oyj, Permascand AB and Xstrata 
Nikkelverk AS participated in this project. 
 
 
  
 
  
 
 
 
 
Chapter 2 
 
 
THERMODYNAMICS OF COBALT 
CHLORIDE SOLUTIONS 
 
 
The majority of electrolyte solutions in hydrometallurgical processing have a 
high ionic strength. Concentrated electrolytes may show large deviations 
from ideal behaviour, which is the case for many metal chloride solutions. 
The ionic activity in concentrated chloride solutions of non-associated salts 
can be extremely high, and many transition metals form chloro complexes, 
which have a profound effect on its chemistry, such as solubility and 
reduction potential. Since cobalt chloride is influenced by both these effects 
in aqueous solution, it was found beneficial to put some effort into 
understanding its solution chemistry. A thorough knowledge of the degree of 
non-ideal behaviour is essential when interpreting many phenomena taking 
place in solutions of high ionic strength. 
 
In this chapter the Pourbaix diagram, also known as the potential – pH 
diagram, of the cobalt – chlorine – water system is presented and discussed, 
following an introduction to cation hydrolysis in general. This diagram gives 
an idea of the thermodynamic stability of species as a function of potential 
and pH. A review of some important properties of the cobalt-containing 
species in the Pourbaix diagram is also included. The chapter then continues 
with an overview of ionic activity, and single-ion activities of cobalt and 
chloride are estimated from the Stokes-Robinson hydration theory. pH 
measurement is also discussed here. The last section of the chapter focuses 
on complexation in cobalt chloride solutions. 
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2.1 Stability of the cobalt – chlorine – water system 
 
2.1.1 Cation hydrolysis 
 
Hydrolysis reactions are common to most cations in aqueous solution, due to 
their coulombic attraction to the dipolar water molecules [84]. They can be 
represented either by the reaction between a free metal ion Mez+ and H2O 
molecules from bulk solution (equation 2.1), or by the direct acid 
dissociation of an aquo complex (equation 2.2): 
 
 Mez+ + n H2O = Me(OH)nz-n + n H+ (2.1) 
 
 Me(H2O)6z+ = Me(H2O)6-n(OH)nz-n + n H+ (2.2) 
 
A strong attraction between the cation and the oxygen atom of water makes 
the water O – H bonds weaker, facilitating the release of protons. Hydrolysis 
is, therefore, more extensive for cations of high charge and small size, i.e. 
high charge density, and several high valency cations exist in solution as 
oxyions. Since most anions are larger than the cations, they show only 
moderate association with water. 
 
When increasing the pH of metal ion solutions, successive deprotonation of 
solvated cations will occur. The neutral hydroxy species, e.g. Me(OH)2 (aq) 
for Me2+, is the least soluble in the polar water solvent, and may precipitate 
as solid metal hydroxide. The higher the cation charge density the lower is 
the pH at which precipitation starts, so oxidation of a cation thus often 
reduces its solubility in water. High valency cations also tend to form oxide 
compounds instead of hydroxides. If pH is further increased, the metal 
hydroxides may redissolve as negatively charged hydroxy complexes. 
 
Hydrolysis is usually favoured at high metal ion activity and high 
temperature. High Mez+ activity may also lead to polymerization into 
polynuclear hydroxide species; the tendency of OH- to coordinate more than 
one cation to form bridges is almost unique among the simple ligands [84]. 
Kong et al. [85] showed that various transition metal salts in aqueous 
solutions that are stable at room temperature, were partially precipitated 
when the temperature was increased to 200 – 300°C in an autoclave. In 
addition, high temperatures promote metal oxide formation at the expense of 
hydroxides [86], and the precipitates are more crystalline [87]. Presence of 
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certain ligands may, on the other hand, stabilize the cations in solution 
through strong complex formation, thus suppressing hydrolytic precipitation 
[84, 85]. 
 
The solubility of hydrous metal oxides increases with decreasing particle 
size, related to the relatively high surface energy of the interface between 
solid and aqueous phase [84]. This means that large nuclei must form before 
crystal growth can proceed spontaneously, requiring a high degree of 
supersaturation. Metastable phases may then be formed first, which over 
time are converted to more stable modifications by ageing. Amorphous 
metastable phases are actually formed preferentially due to their smaller 
critical nucleus size. 
 
 
2.1.2 Pourbaix diagram 
 
The Pourbaix diagram of the cobalt – chlorine – water system at 25°C and 
unit activities is shown in Fig. 2.1. The stability domains of cobalt and 
chlorine species are indicated by red and blue lines respectively, and the 
stability of water is represented by black dotted lines. The diagram is based 
on thermodynamic data given by Pourbaix [88], except the standard Gibbs 
energy of formation for the species CoOOH and Co3O4, taken from Hem et 
al. [89] (-386 kJ/mole) and Wagman et al. [90] (-774 kJ/mole) respectively. 
Values of ∆G°f between -394 kJ/mole [91] and -357 kJ/mole [92] were 
found for CoOOH in the literature, and for Co3O4 the difference in the 
reported Gibbs energy data was even larger (-795 kJ/mole [93] to -702 
kJ/mole [88]). As a result, many versions of the Pourbaix diagram for cobalt 
can be found in the literature, especially when it comes to the stability 
domains of CoOOH and Co3O4, and whether CoO2 is included or not. 
Metastable oxide phases may form, and the thermodynamics will be 
influenced by nonstoichiometry and hydration effects. 
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Figure 2.1 Pourbaix diagram of the Co-Cl-H2O system at 25°C (activities 
are unity). 
 
It is clear from Fig. 2.1 that, according to thermodynamics, electrolysis from 
an aqueous cobalt chloride solution of pH 1 should result in only the splitting 
of water into hydrogen gas on the cathode and release of oxygen gas on the 
anode. However, for kinetic reasons, cobalt metal can be electrowon from 
acidic chloride solutions at high current efficiency, and the main anode 
product will be chlorine gas on most electrode materials. The cathodic 
current efficiency for cobalt is increased at higher pH, but the catholyte pH 
must be kept below 6.3 in order to avoid the precipitation of Co(OH)2. As H2 
evolution causes a pH increase close to the cathode surface, the catholyte pH 
value is usually operated much below this level so that Co(OH)2 particles are 
not included in the product. Fig. 2.1 also shows that cobalt corrodes in acidic 
solution under hydrogen evolution. The corrosion rate is very low though in 
non-oxidizing acids, due to the large hydrogen overpotential of cobalt [88]. 
In neutral solutions, cobaltous ions can in fact be reduced to cobalt metal by 
hydrogen, which is done industrially in the Sherritt-Gordon process (see 
section 1.2). Dissolved oxygen and chlorine formed on the anode will be 
reduced by contact with the cathode, thus lowering the cobalt current 
efficiency. This is one of the reasons why separate catholyte and anolyte is 
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employed in the industrial electrowinning of cobalt from chloride 
electrolytes. 
 
If chlorine is the preferred anode product, pH should be kept low in order to 
suppress oxygen formation and chlorine hydrolysis. The chlorine evolution 
reaction is independent of pH from a thermodynamic point of view, whereas 
oxygen generation is promoted in less acidic solutions. At higher pH levels 
dissolved chlorine reacts with water to form the hypochlorites (HClO and 
ClO-). Perchlorate is actually the thermodynamically most stable chlorine 
species at high electrode potentials, but conversion from the metastable 
hypochlorite and chlorate forms to perchlorate is normally very slow [88]. 
The stability domains of Cl2, HClO and ClO- are outside the stability domain 
of water, but they are all stable due to the sluggish oxidation of water to 
oxygen and acid. 
 
When polarized anodically in alkaline solutions, the surface of cobalt metal 
is converted to various solid cobalt oxide compounds, viz. Co(OH)2, Co3O4, 
CoOOH and CoO2. According to Fig. 2.1, cobalt oxides may form on an 
inert anode in cobalt chloride media as well, by anodic oxidation of Co2+ 
ions. Based on thermodynamics, oxidation and precipitation of cobalt oxides 
will be the main anode reaction in neutral solutions. However, the potential 
needed for this reaction to proceed, increases steeply with decreasing pH, 
and oxygen and chlorine evolution are more favourable in acidic solutions. 
 
When discussing Pourbaix diagrams it should be emphasized that they are 
valid at equilibrium conditions only – they give no information about how 
fast equilibrium will be attained, e.g. reaction kinetics. The stability domains 
are also shifted if the temperature or ionic activities are altered. Huang et al. 
[94] presented Pourbaix diagrams of the Co – H2O system at 20 – 80°C 
developed using the Outotec HSC Chemistry software. The diagrams show 
that temperature has a substantial influence on the thermodynamic stability 
of the cobalt oxides. An increase in the temperature reduces the stability 
domains for Co(OH)2 and Co(OH)3, whereas Co3O4 becomes more favoured. 
In fact, Co(OH)3 is not included in the diagrams at 60 and 80°C. The 
temperature effect on the stability of the Co2+ ion is insignificant though. 
This trend is in contrast to the diagrams at 25 and 80°C reported by Mansour 
et al. [95], where CoOOH is present at both temperatures along with a 
somewhat decreased stability domain for Co2+ at 80°C compared to 25°C. 
Increased Co2+ activity results in a decrease of its stability domain. On the 
other hand, the presence of certain ligands may stabilize Co2+ in solution as a 
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complex, even in neutral and alkaline media. Co2+ forms complexes with 
chloride (see section 2.3), but they are not strong enough to be part of the 
Pourbaix diagram in Fig. 2.1 where the activities of all species are unity. 
 
 
2.1.3 Cobalt species in the Co-H2O system 
 
The divalent cobaltous ion Co2+ is the stable form of dissolved cobalt in 
aqueous solutions. In acidic solutions it exists as the octahedrally 
coordinated Co(H2O)62+ ion, giving a red colour. When pH is increased, 
hydrolysis is taking place, and the mononuclear species CoOH+, Co(OH)2 
(aq), Co(OH)3- and Co(OH)42- have been reported [84]. The concentration of 
these species is very low though due to the precipitation of Co(OH)2, except 
for Co(OH)42- in alkaline solutions. This species is sometimes referred to as 
the dicobaltite ion HCoO2-, and the colour of its solution is blue [88]. 
Polynuclear species like Co2OH3+ and Co4(OH)44+ have also been detected in 
concentrated Co2+ solutions, although their exact formula is uncertain. 
 
The trivalent cobaltic ion Co3+ is not shown in the Pourbaix diagram in Fig. 
2.1, as it is stable only in very acidic solutions at high redox potentials in 
aqueous solutions free from complexing agents. There has been a 
controversy in the literature on the Co2+/Co3+ standard potential, and 
Rotinjan et al. [96] claim 1.45 VSHE to be the correct value based on 
experimental measurements. However, Bard et al. [97] point out that 
uncertainties in liquid junction potentials explain the low potential obtained 
by Rotinjan, and it is now believed that the correct value should lie between 
1.8 and 1.9 V (1.81 V as reported by Pourbaix [88] was used when deriving 
Fig. 2.1). According to Davies and Warnqvist [98], hexa-coordinated 
Co(H2O)63+ can be generated chemically by using ozone or 
electrochemically by anodic oxidation from acidic Co2+ solutions at low 
temperature. Co3+ is a very strong oxidizing agent, and it decomposes water 
under the evolution of oxygen. Dilute Co(III) solutions containing 3 M 
HClO4 are, on the other hand, moderately stable at 0°C (t1/2 ∼ 30 days [98]). 
Like divalent cobalt ions, Co3+ undergoes hydrolysis to form CoOH2+ (K ∼ 2 
· 10-3 at 25°C and ionic strength = 1 [98], or 0.33 at 25°C and ionic strength 
= 3 [99]), and polymerization may result in polynuclear hydroxy complexes. 
The hydrolysis reactions are promoted at higher temperatures. Furthermore, 
Co3+ ions show a slow exchange of ligands and a slow attainment of 
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equilibrium [84], and several organic and inorganic ligands can make the 
Co3+ complexes even more stable than Co2+ (see section 2.3.5). 
 
Cobalt metal Co exists in two allotropic modifications, α (hexagonal closed 
packed) and β (face centered cubic) [65]. The α form is the most stable at 
ambient temperature, and the transition temperature is 417°C. The Gibbs 
energy difference between the two forms is, however, rather small, and both 
phases are usually present in cobalt metal electrodeposited from aqueous 
solutions. 
 
Cobaltous hydroxide Co(OH)2 precipitates from neutral cobalt solutions to 
form at least two different modifications; blue α-Co(OH)2 and red β-
Co(OH)2, the latter being thermodynamically more stable [88]. 
Thermodynamic data for active and inactive pink Co(OH)2 are given in [90], 
and it is indicated that the active form is converted to the inactive form by 
ageing. The crystal structure of β-Co(OH)2 has been determined [100], while 
the structure of the blue form is dependent on the method of preparation. The 
hydroxide is more stable than the nonhydrated cubic CoO, which is unstable 
in air at ambient temperature and is therefore oxidized to Co3O4. 
 
Cobalto-cobaltic oxide Co3O4 (‘Co(II)O · CO(III)2O3’) can be formed by 
oxidation of Co(OH)2 or Co2+ from slightly acidic solutions, but it is not 
stable in stronger acidic solutions at 25°C (Fig. 2.1). This black coloured 
cobalt oxide has the normal spinel structure with Co2+ ions occupying the 
tetrahedral sites and the Co3+ ions the octahedral sites [100]. Specific 
conductivities ranging from less than 10-11 [101] to 2 Ω-1cm-1 [102] have 
been reported for Co3O4, depending on the degree of oxide 
nonstoichiometry. Rasiyah and Tseung [103] increased the conductivity of 
Co3O4 from 2.5 · 10-4 to 1 Ω-1cm-1 by doping with 7 at-% Li+ ions, and the 
improved conductivity was attributed to an electron hopping process 
between Co2+ and Co3+ ions in the tetrahedral sites of the lattice. The 
dissolution rate of Co3O4 is very slow in both ammonia and acid H2SO4 
solutions, probably due to the extremely strong Co – O bonds of the spinel 
structure [104]. 
 
Cobalt oxyhydroxide CoOOH of trivalent cobalt, also referred to as HCoO2, 
CoHO2, Co(OH)3 or Co2O3 · x H2O in the literature, can be produced by 
oxidation and precipitation from acidic cobalt solutions, and by oxidation of 
Co(OH)2. The colour of CoOOH depends on preparation and film thickness, 
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varying from orange [53, 56] and yellow [55, 88] to brown and black, the 
latter two being the most common. 
 
Benson [105] prepared two different types of CoOOH from Co(OH)2 using 
either chemical or electrochemical oxidation. Brown CoHO2, later denoted 
as α-CoOOH by Simmons [100], was formed when either α- or β-Co(OH)2 
was allowed to stand in 1 M KOH at room temperature (oxidized by 
dissolved oxygen from air). The conductivity of this product was very low in 
dry form (10-6 Ω-1cm-1), and it did not retain any K+ ions. A different 
modification of CoOOH was produced when blue α-Co(OH)2 was polarized 
anodically in aqueous KOH. Two different forms of black β-CoOOH, termed 
I and II by Benson, were generated, where CoOOH(II) was a stacking 
variant of CoOOH(I). The structure of β-CoOOH resembled that of α-
Co(OH)2 very closely with a hexagonal-rhombohedral unit cell, although the 
symmetry of the CoOOH(II) structure was unsufficiently determined. The 
conductivity of dry β-CoOOH powder was as high as 5 Ω-1cm-1, and it 
contained 3 – 5 wt. % K+. The electrochemical behaviour of the various 
cobalt oxyhydroxides was published in a part II article by Benson et al. [7], 
and it was shown that α-CoOOH was electrochemically less reactive than β-
CoOOH. 
 
α-CoOOH prepared by Benson has the same structure as the black material 
obtained by Kondrashev and Fedorova [106] when Co(OH)2 was boiled in 
water for 50 hours. According to Amatucci et al. [107] this compound,  
traditionally referred to as heterogenite 3R, is of a rhombohedral space group 
R3m, commonly indexed on a hexagonal lattice (a = 2.86 Å, c = 13.16 Å). 
The structure consists of edge sharing CoO6 octahedra connected to form 
CoO2 sheets, joined together by strong hydrogen bonds parallel to the c-axis 
[100]. There is a three-layer repeat in the structure. Furthermore, α-CoOOH 
(or HCoO2) is isostructural with LiCoO2, which is used as the positive 
electrode material in Li-ion batteries. In this respect, Amatucci et al. [107] 
indeed synthesized LiCoO2 powders by mixing α-CoOOH particles and an 
excess of aqueous LiOH at 100°C. An ion exchange process took place 
between H+ in CoOOH and Li+ ions in solution, and after two days the 
CoOOH particles were completely converted to LiCoO2. The structure of β-
NiOOH used as cathode in Ni-Cd and Ni-metal hydride batteries is also 
similar to α-CoOOH [107]. 
 
Preparation of CoOOH by anodic oxidation of either cobalt metal [52], 
Co(OH)2 [7] or an aqueous Co2+ solution using an inert substrate [56], is a 
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quite irreversible process, since the reduction of CoOOH is very slow. 
Therefore, CoOOH has proved unsuitable for use in alkaline secondary 
batteries, except when added in small amounts to NiOOH positive plates [7]. 
The dissolution of CoOOH separated from nickel solutions by chemical 
precipitation is sluggish even in acidic media, and reductants are usually 
added to speed up the reaction (see section 1.5.4). 
 
Cobalt peroxide CoO2 containing tetravalent cobalt, formed when cobalt 
metal or cobalt oxide is polarized anodically at high potentials in alkaline 
solution, is highly unstable and decomposes water with the formation of 
lower cobalt oxides and the evolution of oxygen [88]. Simmons et al. [108] 
demonstrated using emission Mössbauer spectroscopy that α-Co(OH)2 on a 
platinum substrate yielded a mixture of β-CoOOH and CoO2 at 600 mVSCE, 
and CoO2 only at 900 mVSCE, in a borate buffer of pH 8.5. On the other 
hand, when cobalt metal was polarized in the same solution at 900 mVSCE 
the oxide film was not completely transformed into CoO2 but contained also 
β-CoOOH. After storing in air for three months, CoO2 was decomposed to 
nonstoichiometric Co3O4. CoO2 in the mixture formed at 600 mVSCE was 
indeed stable enough to obtain a spectrum in air without appreciable 
decomposition within 24 hours. CoO2 has also been generated by Amatucci 
et al. [109], starting with LiCoO2, which was converted to CoO2 on complete 
lithium deintercalation at high potentials. In situ x-ray diffraction showed 
that CoO2 had a hexagonal single-layered structure similar to β-Co(OH)2, 
and it was transformed back into the regular three-layer LixCoO2 phase on Li 
reinsertion. Unlike Simmons et al. [108], CoO2 produced by Amatucci et al. 
[109] was reduced to α-CoOOH when exposed to air for three days, probably 
by intercalation of protons resulting from the parallel decomposition of 
atmospheric moisture to oxygen. 
 
 
2.2 Ionic activity 
 
2.2.1 Introduction to ionic activity 
 
The ionic activity, a, is related to concentration m (molality, mole/kg H2O) 
through the activity coefficient γ: 
 
 a = γ · m (2.3) 
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Strictly speaking, electrolyte solutions are ideal, i.e. a = m or γ = 1, only at 
infinite dilution. In real electrolytes, interactions between individual ions of 
the solutes and between dissolved ions and the solvent (water) result in 
deviations from ideality. This is shown in Fig. 2.2 a), where mean activity 
coefficients γ± for some simple aqueous electrolytes are presented. When 
small amounts of a salt is added to pure water, the activity coefficient of the 
salt decreases due to long-range electrostatic interactions between individual 
ions of the solute, which tend to decrease its Gibbs energy [110]. As the salt 
concentration is further increased, short-range interactions between dissolved 
ions and the dipolar water molecules become increasingly important. For 
non-associated electrolytes like MgCl2 solutions, this leads to a sharp rise in 
ion activity, which is a result of the change in the activity of water itself. 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
Figure 2.2 a) Mean activity coefficients and b) water activities in single 
electrolytes at 25°C. Data from Robinson and Stokes [110], 
except for CoSO4, which was taken from Lobo [112] (aw in 
CoSO4 solution was calculated according to Jansz [113]). 
 
The water activity aw is determined by the solute’s ability to attract water 
molecules, i.e. the degree of hydration. Therefore, the drop in water activity 
is most pronounced in non-associated electrolytes containing ions with large 
charge densities. This is shown in Fig. 2.2 b), where the divalent metal 
chlorides cause a larger reduction in water activity compared to monovalent 
NaCl. By comparing Figs. 2.2 a) and b), it is evident that a large drop in 
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water activity results in a large increase in the activity of the solute, in 
accordance with the Gibbs-Duhem relation, which states that the chemical 
potential of a component in a mixture cannot be changed independently 
[111]. 
 
The difference in activity between the four divalent metal chlorides in Fig. 
2.2 a) can be explained by the extent of chloride complexation. MgCl2 shows 
no evidence of chloride complex formation [110], while ZnCl2 forms quite 
strong chloro complexes. The extremely low activity of CoSO4, which is 
typical for divalent metal sulphates, is due to extensive ion-pairing. Actually, 
neutral Me · SO4 ion-pairs are the predominant species in most practical 
metal sulphate solutions [114]. Ion-pairing is defined as purely electrostatic 
attraction between oppositely charged ions. Ion-pairs are less structured than 
complexes, and they retain their water of solvation. Since the ion-pairs are 
neutral, they do no take part in the current transport during electrolysis. 
 
 
2.2.2 Activity measurement 
 
Chemical potentials of the components of an electrolyte solution are 
determined either by measuring the activity of the solvent (water), or the 
activity of the solute [110]. Various vapour pressure methods are the most 
important in the first category, while the latter is dominated by electromotive 
force (emf) measurements of suitable cells. When the activity of the solvent 
has been determined, the activity of the solute can readily be calculated by 
use of the Gibbs-Duhem equation, or vice versa. 
 
The vapour pressure methods are based on the fact that the water activity is 
equivalent to the ratio of the vapour pressure of water over the electrolyte 
solution to that of pure water at the same temperature. In the emf method, the 
activity of e.g. CoCl2 can be calculated from the measured reversible 
potential Erev between a cobalt metal electrode in a CoCl2 solution of known 
concentration and a Ag/AgCl reference electrode, using the Nernst equation: 
 
 ( )2ClCorev aaln2F
RTEE 2 −+−= o  (2.4) 
 
where E° is the standard potential of the cobalt electrode. 
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The mean activity coefficient of cobalt chloride is then defined by the 
following relation: 
 
 
( ) 3CoCl32ClCo3332ClCo 222 4mγmmγmγaaa ⋅=⋅=== ±±±±± −+−+  (2.5) 
 
As pointed out by Muir and Senanayake [115], the activities obtained by the 
emf method rely on accurate values of the reference electrode potential and 
also on the liquid junction potential EJ between the reference electrode and 
the test solution to be known. In aqueous solutions EJ values can be as large 
as 30 mV, which for a divalent metal chloride like CoCl2 corresponds to 
more than a twofold change in γ± at 25°C. The effect of liquid junction 
potential is accounted for by proper choice of a salt bridge and the use of the 
Henderson equation for estimation of EJ (see section 2.2.7). It should also be 
emphasized that direct measurements of single-ion activities are not possible, 
since the concentration of a particular ion cannot be changed independently 
due to electrical neutrality. 
 
 
2.2.3 Calculation of mean activity coefficients at elevated temperatures 
 
Measurement of activity is a tedious work that must be carried out accurately 
for the results to be reliable, as outlined in the previous section. Most of the 
activity data available in the literature relates to pure electrolytes at 25°C, 
while in the real life in the hydrometallurgical industry mixed electrolytes at 
higher temperatures are commonly used. As a consequence, empirical 
activity equations are sought in order to be able to describe such complicated 
systems. 
 
Physical chemists have been working for many years in establishing 
equations for predicting activity coefficients. Modeling of the behaviour of 
electrolyte solutions is a formidable task when all types of interactions 
between ions, solvent effects, Brownian motion etc. should be taken into 
account. Reasonable assumptions and simplifications are, therefore, 
necessary for the equations to become useful. Debye and Hückel derived the 
following expression for the mean activity coefficient in a simple electrolyte 
[110]: 
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IBå1
IzzA
 γlog
+
−=
−+
±  (2.6) 
 
where A and B are constants, z+ and z- the charge number of cations and 
anions respectively, I the ionic strength and å is an ion-size related 
parameter. From equation 2.6 it can be seen that the mean activity coefficient 
approaches linearity in the square root of the concentration at high dilutions, 
known as the Debye-Hückel limiting law. Short-range ion-ion and ion-
solvent interactions are not accounted for in equation 2.6, a fact that restricts 
its validity to I < 0.1. By adding to equation 2.6 a term b·I, representing the 
short-range interactions and b being a constant, the equation can be used up 
to at least I = 1. 
 
Stokes and Robinson extended the Debye-Hückel equation by introducing 
the theory of ionic hydration [110], correlating the ionic activity coefficient 
with the water activity and the hydration number h, regarded as the number 
of moles of water molecules bound to one mole of solute: 
 
 
( )[ ]m hν 0.0181  loga log
ν
h
Iå B1
Izz A
 γlog w −+−−
+
−=
−+
±  (2.7) 
 
where ν is the stoichiometric coefficient, i.e. the number of moles of ions for 
each mole of solute.  Equation 2.7, derived by assuming that water bound to 
ionic species is no longer part of the bulk solvent, has been reported to be 
remarkably successful with non-associated aqueous electrolytes [110]. 
 
During the early 1970’s, more extensive and accurate semi-empirical 
equations for activity coefficients were developed by Pitzer and Meissner, 
see [115]. Pitzer’s equations have the most fundamental basis based on 
statistical mechanical theories of electrolyte solutions [116], and they are 
considered to give the best fit to experimental data up to I = 6. Furthermore, 
the Pitzer model has been extended to moderately associated and mixed 
electrolytes, including the temperature dependence, and the database of 
parameter values for several metals like cobalt is fairly extensive (see [116] 
and references therein). However, the large number of adjustable parameters 
needed makes the model complicated, especially for non-symmetrical 
mixing like CoCl2 + NaCl. 
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In the present work, Meissner’s method, as outlined by Jansz [113], was 
adopted for the estimation of mean activity coefficients in aqueous cobalt 
chloride and CoCl2-NaCl mixtures at elevated temperatures. The method 
utilizes experimentally determined mean activity coefficients for the pure 
components at 25°C, it is easy and practical to use and it was claimed to be 
quite successful in chloride media [117]. Meissner’s equations are based on 
the observation that the data for most strong electrolytes fall into a common 
family of curves when the reduced activity coefficient Γ = γ±1/|z+·z-| is plotted 
versus the ionic strength, with very little crossover. This applies at any 
temperature T, and the effect of T (°C) on Γ at a given ionic strength can be 
estimated from the relationship: 
 
 ( ) ( ) refC25T  Γlog T0.0050.125 Γlog T0.0051.125 Γlog ⋅−−⋅−= o  (2.8) 
 
where Γref can be obtained from the equation: 
 
 
0.92
ref I 0.039I1
I0.41
 Γlog +
+
−=  (2.9) 
 
Equations 2.8 and 2.9 were used to calculate mean activity coefficients for 
pure CoCl2 solutions at 60 and 100°C. Data for γ± at 25°C were taken from 
[110], and concentrations were converted from the molality to the molarity 
scale using density data from Herrington et al. [118]. The results illustrated 
in Fig. 2.3 show that for CoCl2 concentrations lower than 0.5 M there is a 
small increase in CoCl2 activity with temperature (too small to be noticeable 
in the figure), whereas for concentrations > 0.5 M the effect of temperature 
is opposite, as the activity decreases at elevated temperatures. The influence 
of temperature on γ± is more pronounced as the concentration is increased 
from 0.5 M. According to Peters [119], solutions generally approach ideality 
with increasing temperature: Activity coefficients that are larger than unity 
decrease, while those being lower than unity tend to increase. 
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Figure 2.3 Mean activity coefficients of CoCl2 solution at 25, 60 and 100°C. 
 
Ji [117] used an alternative version of Meissner’s theory on the nickel 
chloride system, showing good agreement with experimental data. Here, a 
single parameter for each solute is sufficient to predict activity coefficients 
and water activities in pure and mixed electrolytes at different temperatures. 
No experimental data is needed as long as this parameter is known. 
Parameter values for selected electrolytes are tabulated in [120], and for 
CoCl2 it is reported to be valid up to a maximum ionic strength of 4.5 – 6. 
 
 
2.2.4 Calculation of mean activity coefficients in mixed solutions 
 
The activity of a component in a mixture can be very different from that in 
the pure electrolyte, and the equations for activity coefficients become more 
complicated as the number of dissolved species increases. As mentioned 
earlier, data for mixed solutions are scarce, particularly at elevated 
temperatures. Hence, correlations are needed to provide the necessary data. 
 
Harned and co-workers have measured activities in several binary mixtures 
[121]. They found that under the condition of constant total ionic strength 
Itot, log γ± of a salt is directly proportional to the ionic strength fraction of the 
other component, which has later become known as Harned’s rule [110]. 
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However, the slope of the log γ± – I curve changes with Itot, which means that 
if reliable calculations are to be made, a total set of slope values is required. 
 
Meissner and Kusik [122] developed an alternative method for 
approximating activities in multi-component electrolytes, involving reduced 
activity coefficients. For a mixture of two components (1 and 2) with a 
common anion, like CoCl2 + NaCl, their equations reduce to: 
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where Γ° is the reduced activity coefficient in pure solution with the same 
ionic strength as Itot, and X is the ionic strength fraction of the cation. The 
similarities to Harned’s rule are evident. 
 
Mean activity coefficients for cobalt chloride in mixtures of CoCl2 and NaCl 
at 25°C were calculated using equation 2.10. Data for γ± NaCl were taken 
from [123], and values for supersaturated solutions were estimated from the 
nomographs given in [122]. Linear interpolation between known values for 
γ± was used whenever necessary. Densities of the mixtures, needed for the 
conversion from molality to molarity scale, were found simply by adding to 
the density of a pure CoCl2 solution of actual concentration, the density 
difference between a pure NaCl solution of actual concentration and pure 
water. This gives precise density values for binary chloride systems [124]. 
The results presented in Fig. 2.4 show that the mean activity coefficient for 
CoCl2 increases when NaCl is added, and the effect of NaCl is larger at high 
CoCl2 concentration. The role of added salt is to solvate free water, which 
causes the activity of the solvated Co2+ and Cl- ions to rise. Note that the 
mixtures of 2 M CoCl2 and > 2 M NaCl are supersaturated [125]. 
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Figure 2.4 Calculated mean activity coefficients of CoCl2 in CoCl2-NaCl 
mixtures at 25°C. 
 
In Fig. 2.5, calculated results obtained by using equations 2.10 and 2.11 are 
compared with experimental data for mixtures of CoCl2 and NaCl reported 
by Downes [126]. There is a reasonable agreement for NaCl (Fig. 2.5 b)), 
but for CoCl2 the experimental activity coefficients are larger than the 
calculated ones (Fig 2.5 a)). Furthermore, the difference between 
experimental and calculated data increases as cobalt chloride is replaced by 
sodium chloride. The equations derived by Meissner and Kusik are 
thermodynamically rigorous only if all dissolved ions have identical absolute 
values of charge. Nevertheless, good agreement has been obtained for the 
HCl-MgCl2 system at Itot = 5 [113]. However, Meissner’s theory is based on 
strong electrolytes, while cobalt forms week complexes with chloride, which 
may explain the deviations in Fig. 2.5 a). Muir [127] claims that trace 
amounts of NiCl2 in solutions of NaCl has the same activity coefficient as 
pure solutions of NiCl2 at similar ionic strength, which is equivalent to 
horizontal lines in a graphical presentation like Fig. 2.5. The results by 
Downes [126] for the CoCl2-CaCl2 system show this kind of behaviour, 
whereas the CoCl2-NaCl system follows a trend deviating from a horizontal 
curve for γ± CoCl2. This difference is mentioned in Downes’ paper, but no 
explanation is given. It should be commented that certain mixed electrolytes, 
like HCl-MgCl2, show large deviations from Muir’s “rule of thumb”, but still 
the formulas derived by Meissner and Kusik give reasonable results. 
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Figure 2.5 A comparison of experimental and calculated mean activity 
coefficients of a) CoCl2 and b) NaCl in CoCl2-NaCl mixtures at 
25°C. Experimental data are taken from [126]. 
 
In order to elucidate the effect of background salt on the activity of 
hydrochloric acid, Peters [119] made some calculations using equations 2.10 
and 2.11. His results are reproduced in Table 2.1. The estimated data show 
that strong chloride salts enhance the activity of HCl, and completely ionized 
divalent salts should be more effective than monovalent salts. 2 M HCl in 3 
M CaCl2 or MgCl2 will have a strength equivalent to ~7 M HCl by itself, and 
6 M NaCl would enhance the strength of a 2 M HCl solution to the 
equivalent of a 5 M pure HCl solution (though the solubility of NaCl in 2 M 
HCl is only ~3.5 M). A similar behaviour is expected for CoCl2, which 
means that MgCl2 will have a larger effect on the activity of cobalt than 
NaCl. The power of background salts can be understood by considering the 
influence of water activity, as will be discussed in the following section. 
 
Table 2.1 Mean activity coefficients of HCl in mixtures of 2 M HCl with 
several salts at 25°C [119]. 
Salt conc. NaCl CaCl2 MgCl2 
0 1.01 1.01 1.01 
2 N 1.42 1.73 1.85 
4 N 2.10 3.48 3.86 
6 N (3.11) * 6.89 7.65 
*
 Supersaturated with respect to NaCl. 
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2.2.5 Calculation of water activity 
 
When activity coefficients for all dissolved species in a system are known, 
the water activity can be calculated from the Gibbs-Duhem relationship. 
After substituting the osmotic coefficient φ for aw and rearranging, Jansz 
[113] deduced the following expression for a single electrolyte: 
 
 ∫ ±± −+=
m
0
dm  γln
m
1
 γln1φ  (2.12) 
 
Osmotic coefficients are readily obtained at any temperature from equation 
2.12 when the activity coefficients at the prevailing temperature have been 
calculated according to the procedure described earlier. In Fig. 2.6 are shown 
calculated osmotic coefficients for pure cobalt chloride and pure sodium 
chloride solution at 25°C, compared with experimental data. The integral in 
equation 2.12 was solved by a simple Simpson-type graphical integration 
method. While the calculated values for NaCl in Fig. 2.6 b) are showing 
excellent agreement, a certain discrepancy exists for CoCl2 in Fig. 2.6 a). 
The low φ values calculated for CoCl2 at low concentrations are due to the 
lack of activity data for m < 0.1, resulting in a rough graphical integration. 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
Figure 2.6 Osmotic coefficients for pure electrolytes of a) CoCl2 and          
b) NaCl at 25°C. Experimental data taken from [110] and [123] 
respectively. 
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The water activity is related to the osmotic coefficient via: 
 
 
1000
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a ln i
ii
w
∑
−=
φ
 (2.13) 
 
The summation is made over all solutes in solution. 
 
Calculated water activities in CoCl2 electrolyte at 25, 60 and 100°C are 
shown in Fig. 2.7. A small increase in aw with temperature is observed, as 
the system then shifts towards ideality. 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
Figure 2.7 Calculated water activity in CoCl2 solution at 25, 60 and 100°C. 
 
For the estimation of water activity in mixed solutions, the equation 
proposed by Kusik and Meissner [120] was selected. aw,mix can simply be 
calculated from the pure solution activities of water aw° at the total ionic 
strength and temperature of the mixed solution. aw° values for each 
component are obtained using equations 2.12 and 2.13. For the three-ion 
system CoCl2-NaCl the water activity becomes: 
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In equation 2.14, WCoCl2 and WNaCl are defined as: 
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Results from the use of equations 2.14 – 2.16 are illustrated in Fig. 2.8. It can 
be seen that the water activity drops when NaCl is added to CoCl2 
electrolytes, but at high ionic strength this effect is counteracted to some 
extent by increasing the temperature. 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
Figure 2.8 Water activity in CoCl2-NaCl mixed solutions at 25, 60 and 
100°C. 
 
In Fig. 2.9, the calculated water activities at 25°C are compared with 
experimental data from Downes [126]. The calculated values were somewhat 
higher than the results reported by Downes, which makes sense in view of 
the lower calculated salt activities (Fig. 2.5). 
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Figure 2.9 Calculated water activity in CoCl2-NaCl mixtures at 25°C, 
compared with experimental data taken from [126]. 
 
 
2.2.6 Calculation of single-ion activity coefficients 
 
When evaluating the effects of process parameters on chemical and 
electrochemical reactions taking place in an aqueous system, attention 
should be paid to the individual free ions, as they are mostly involved. 
However, thermodynamics does not allow direct calculation of single-ion 
activity coefficients, but estimated values may be obtained from a non-
thermodynamic but physically acceptable assumption, as outlined by Jansz 
[113]. For chloride solutions, separation of mean ionic activities into 
individual activities of cations and chlorides is especially important, due to 
the difference in hydration. Most of the hydration is attributed to the positive 
ions, from strong Lewis-Acid interaction with water dipoles [110]. On the 
other hand, negative ions like chloride are larger (ionic radius 1.81 Å vs. 
0.72 Å for Co2+ [110]) with a low surface charge, and their H-bonding with 
water is relatively weak. Consequently, the extent of hydration of chloride 
ions is fairly low. A decrease in the availability of free water molecules at 
higher ionic strength will, therefore, lead to a rise in activity of the solvated 
cations, whereas the activity of the poorly solvated chloride ions remains 
almost the same. Thus, considering the cation or anion activity coefficient as 
equivalent to the mean activity coefficient can be very misleading. As will 
be shown later, the cationic activities govern the overall activity of a metal 
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salt, and addition of a background salt may have a similar effect on the metal 
ion activity as increasing the concentration of the metal salt itself. 
 
The hydration number h, i.e. the number of water molecules associated to an 
ion, depends on the valency and the radius of the bare ion. Both the bare 
radii and the mobility of the alkali metal ions increase in the order Li+ < Na+ 
< K+ [128], which seems peculiar. However, when their hydration numbers 
are taken into account, 14, 8 and 5 respectively, the order of real ion sizes 
becomes opposite, and it is the real ion size that governs ion mobility. Note 
that the h number as discussed here is not equal to the real primary hydration 
number. For instance, CoCl2 has six coordinated water molecules in dilute 
chloride solutions [76], while its h number is as high as 13 [110]. The latter 
is a result of curve-fitting to experimental data using the Stokes-Robinson 
equation (equation 2.7), and it can be looked upon as representing a kinetic 
unit of one Co2+ (and one Cl-) ion surrounded by 13 relatively firmly 
attached water molecules. 
 
In the original ionic hydration theory, a fixed hydration number, independent 
of concentration, is assigned. However, in concentrated solutions, h numbers 
should begin to fall, owing to the effects of the competition for water 
molecules between neighbouring cations [110], see also Table 1 in [115]. 
Jansz [113] allowed for this by introducing a decreasing hydration number at 
low water activities. An expression was derived for estimation of the 
hydration number from the water activity at very high concentrations, using 
Henry’s law, after neglecting electrostatic effects and assuming that the 
activity coefficient for water is unity: 
 
 





−
−+=
wa1
11 ν
m
55.51h  (2.17) 
 
The hydration numbers calculated from equation 2.17, for water activities 
between 0.4 and 0.9 where the assumptions should hold, can then be fitted to 
the following empirical equation: 
 
 wa log βh logh log += o  (2.18) 
 
where the hydration number at infinite dilution, h◦, is determined by 
extrapolation to aw = 1 in a log h – log aw plot. For verification, the data by 
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Jansz for HCl are reproduced in Fig. 2.10 a), and the results for CoCl2 are 
presented in Fig. 2.10 b). 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
Figure 2.10 Calculated hydration number of a) HCl and b) CoCl2 vs. water 
activity at 25°C. Ionic activity data for HCl were taken from 
[123]. 
 
The h◦ value and slope β for HCl from Fig. 2.10 a) of 6.3 and 0.48 
respectively are in perfect agreement with h◦ = 6.4 and β = 0.51 given by 
Jansz [113]. Furthermore, a hydration number at infinite dilution of 12 for 
CoCl2, as obtained from Fig. 2.10 b), compares well with the fixed h number 
of 13 used by Robinson and Stokes [110]. Even though the estimated 
variable hydration number for CoCl2 is based on a limited set of 
experimental data, it is believed that its use will result in more reliable ionic 
activities to be predicted than if a constant hydration number had been 
employed for highly concentrated solutions. 
 
The hydration theory for electrolyte solutions has been extended, in order to 
separate mean salt activities into the contributions of individual ionic species 
[113, 115, 117]. For a non-associated divalent metal chloride MCl2, it was 
derived that: 
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( )[ ]m h3 0.0181  log m h 0.00782 γlog γlog 2 Cl −+−−= ±− φ  (2.20) 
 
where γM2+ and γCl- are single-ion activity coefficients for the divalent cations 
and chloride anions respectively. In the development of equations 2.19 and 
2.20, it was assumed that Cl- is not hydrated. According to Jansz [113], there 
is considerable evidence to support this, while Senanayake [129] refers to a 
hydration number of 1 – 2 for the chloride ion, based on theoretical and 
experimental studies. 
 
Despite the controversy about the degree of chloride hydration, and the fact 
that a pure cobalt chloride solution undergoes weak complexation at high 
ionic strength, single-ion activity coefficients have been postulated, using 
equations 2.19 and 2.20 with a variable hydration number, to indicate, at 
least qualitatively, the influence of concentration and temperature on γCo2+ 
and γCl-. From the results illustrated in Fig. 2.11, it can be seen that there 
may be a considerable difference between γCo2+ and γCl-, both deviating from 
the mean activity coefficient shown in Fig. 2.3. Whereas γCo2+ is highly 
dominated by concentration and temperature, γCl- is, on the other hand, 
almost unaffected. This is in line with to what extent metal ions and chloride 
ions are solvated, as described previously. 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
Figure 2.11 Calculated single-ion activity coefficients for pure CoCl2 
electrolyte at 25, 60 and 100°C. 
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Expressions for single-ion activity coefficients have been derived also for 
mixed solutions of metal chloride salts. Jansz [113] was the first to develop 
individual activity equations for binary mixtures of a univalent and a 
bivalent chloride, and later Ji [117] ended up with identical equations. Again, 
chloride ions were supposed to be unhydrated, resulting in the following 
equation for the activity coefficient of Cl-: 
 
( ) ±± +=+
− BBAAClBA  γlog Y γlog Y γlog  Y2Y  
( )BABBAA 3m2m 3
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( )[ ] ( )[ ]BBBAAA m h3  0.0181  log  Y2m h2  0.0181  log Y −+−−+−  
 ( ) ( )[ ]{ }BBAA m h3 m h2  0.0181  log −+−++  (2.21) 
 
where A and B denotes MCl and MCl2 respectively, m = mA + mB, YA = 
mA/m and YB = mB/m. When γCl- has been calculated using equation 2.21, 
γM2+ is easily obtained from the mean activity coefficient of MCl2: 
 
 
−+ −=
±
ClMClM  γlog 2 γlog 3 γlog 22  (2.22) 
 
Equations 2.21 and 2.22 were applied to the CoCl2-NaCl aqueous system, 
and the results from the calculations are shown in Fig. 2.12. A variable 
hydration number was used for CoCl2, while a fixed h number of 3.5 was 
used for NaCl [110], since its dependence on water activity will be small. 
Note that ionic activities are now presented and not activity coefficients. As 
seen in Fig. 2.12, the increase in cobalt ion activity by the addition of 
common salt to cobalt chloride electrolytes is dramatic, particularly at high 
CoCl2 concentrations and low temperatures. The chloride activity is again 
less affected. Finally, it must be emphasized that similar shortcomings as 
mentioned earlier are still relevant, i.e. neglecting chloride complexation and 
supersaturation at 25°C. 
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Figure 2.12 Calculated single-ion activities of a) Co2+ and b) Cl- in CoCl2-
NaCl mixed solutions at 25, 60 and 100°C. 
 
 
2.2.7 Hydrogen ion activity and pH measurement 
 
The activity of the hydrogen ion, or pH as it is usually represented, is one of 
the most important parameters in hydrometallurgy and aqueous electro-
metallurgy. Hydrochloric acid may be considered as a non-associated 
electrolyte except at extreme concentrations, and its hydration number is 
reported to be 8 [110]. It is therefore expected that the HCl activity will 
increase as the water activity falls at high concentrations, which is actually 
observed (Fig. 2.2). A decrease in water activity, obtained by the addition of 
a background salt, will also increase the HCl activity, as seen in Table 2.1 
and Fig. 2.13 below. Fig. 2.13 shows that when CaCl2 is added to 0.1 M HCl 
up to 5 M, the pH of the solution drops by more than two units, from 1.02 to 
-1.19. Since the system studied in the present work shows a marked pH 
dependence, it was found useful to clarify how to make correct pH 
measurements. 
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Figure 2.13 pH of 0.1 M HCl when CaCl2 is added at 25°C. Water activities 
are shown for comparison. Data taken from [129]. 
 
Ji [117] developed a practical method for evaluating the pH response of 
nickel chloride electrolytes. By adding strong HCl successively to the 
electrolyte while measuring the pH, starting at pH 4, a linear relationship 
was found between the hydrogen ion activity and its concentration. This 
means that the activity coefficient of the hydrogen ion in the solutions, γH+, 
was constant over the pH range studied, and it could be extracted from the 
slope of the straight line in a aH+ – CH+ plot. 
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This procedure was applied on industrial CoCl2 electrolytes at two different 
concentrations, from pH 1.6 to 1.0 at room temperature. The results in Fig. 
2.14 show that linear relationships were obtained, and both activity 
coefficients were above unity. It can be seen that for a 1.44 M CoCl2 
solution, the amount of HCl needed to change the pH from 1.6 (aH+ = 0.025) 
to 1.0 (aH+ = 0.1) was only half compared to at 0.92 M CoCl2. 
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Figure 2.14 Proton activity vs. change in HCl concentration for CoCl2 
electrolytes at two different concentrations (room temperature). 
 
Ji [117] performed several pH titrations on various nickel electrolytes. He 
found that γH+ increased with increasing NiCl2 concentration, and when 
NaCl was added. For 3.92 M NiCl2 at 25°C, γH+ as high as 96.4 was 
obtained, compared to 2.7 for 0.94 M NiCl2. Furthermore, γH+ decreased 
with increasing temperature, and when sulphate ions were introduced. The 
buffering effect of sulphate is due to the formation of bisulphate: 
 
 
−+−
=+ 4
2
4 HSOHSO  (2.24) 
 
Kongstein [65] studied the influence of different parameters on the measured 
pH of acidic cobalt electrolytes. The pH decreased as the CoCl2 
concentration was increased at constant HCl concentration, and it increased 
at elevated temperatures. The temperature effect on pH was stronger in 
concentrated electrolytes. The temperature dependence can be explained by 
changes in the water activity, which in turn affects the proton activity. 
Kongstein also observed a larger increase in pH with temperature in cobalt 
sulphate solution, due to a shift to the right in equation 2.24. 
 
Several different techniques exist for pH measurement in aqueous solutions, 
from pH sensitive papers to various pH electrodes. In the last category, the 
convenient and versatile glass electrode has become very popular. It utilizes 
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the phase boundary potential which arises when protons in solution are 
exchanged with Li+ ions in the outer hydrated gel layer of the glass 
membrane [130]. This potential is determined by calibration with standard 
buffers of assigned pH. 
 
The following equation has been derived for the potential difference E 
measured between the two Ag/AgCl electrodes in a combination glass pH 
electrode [65, 117]: 
 
 JSolutionTest EpHF
Tln10RConst.E +⋅⋅−=  (2.25) 
 
where EJ is the liquid junction potential between the test solution and the 
saturated KCl solution in the reference electrode. Since the regular buffer 
solutions used for calibration have EJ values close to zero, the liquid junction 
potential may lead to a considerable error in the measured pH in electrolytes 
of high ionic strength. As mentioned earlier, corrections due to EJ should be 
made when using any potentiometric method if accurate measured values are 
needed. The pH shift ∆pH and EJ are linked by: 
 
 JETln10R
FpH ∆
⋅⋅
=  (2.26) 
 
which, combined with equation 2.25, gives an expression for the relationship 
between the true pH and the measured pH: 
 
 pH ∆pHpH MeasuredTrue +=  (2.27) 
 
Equations 2.26 and 2.27 show that, if EJ or ∆pH is positive, the true pH is 
higher than the measured pH. 
 
The liquid junction potential, or diffusion potential as it is sometimes called, 
can be calculated using the Henderson equation [65, 117]: 
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−=  (2.28) 
 
where the parameters U and V are defined by 
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 ∑=
i
iiλCU  (2.29) 
 
 ∑=
i
iii λzCV  (2.30) 
 
I and II denote the test solution and the saturated KCl solution (4.16 M) 
respectively, and Ci is the molar concentration, and λi the equivalent 
conductivity of component i. Negative values for λi must be used for the 
anions in equations 2.29 and 2.30. The activity coefficients have been 
ignored in equation 2.28. 
 
Equation 2.28 was used to estimate pH shifts due to EJ for several solutions 
at 25°C. All electrolytes were assumed to be completely dissociated, and 
equivalent conductivities at infinite dilution from [110] were used. The 
results presented in Fig. 2.15 show that the absolute value of the pH shift 
increases as the concentration of the test solution is increased. HCl solutions 
are accompanied by a large negative pH shift, whereas CoCl2 and NaCl 
solutions have a smaller positive ∆pH. The pH shifts of pure divalent CoCl2 
and monovalent NaCl at 4 M are 0.20 and 0.07 pH units respectively. 
Furthermore, the calculations indicate that the addition of NaCl to 1 M 
CoCl2 has only a marginal effect on ∆pH. 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
Figure 2.15 Calculated error in pH measurement due to the liquid junction 
potential for various electrolytes at 25°C. 
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Ji [117] also made ∆pH calculations for NiCl2 solutions, using real 
conductivities in concentrated solutions in equation 2.28. When using 
conductivities at infinite dilution, his results were similar to those obtained 
for the CoCl2 system. However, when real conductivities were applied, all 
pH shifts were reduced to less than 0.1 pH units. Based on these calculations, 
both Ji [117] and Kongstein [65] neglected the effect of liquid junction 
potential on measured pH values. Such pH shifts were also neglected in the 
present work. 
 
Modern pH meters have temperature compensation to correct for the 
temperature variation in the electrode response. The temperature 
compensation is based on the following equation [131]: 
 
 pH
F
Tln10R
sTE´E ⋅⋅⋅−⋅=  (2.31) 
 
where the constant in equation 2.25 has been replaced by a temperature 
function E’·T, and the theoretical slope of the E – pH curve is adjusted by a 
sensitivity parameter s. The parameters E’ and s are determined by 
calibration using two or more standard buffers, and both parameters are 
treated as temperature independent constants by the pH meter. 
 
In order to evaluate the accuracy of the pH temperature compensation, pH 
was measured in industrial cobalt chloride electrolytes between room 
temperature and 80°C by two alternative methods: 1) calibration at each 
specific temperature using heated buffer solutions and the pH vs. 
temperature data printed on the buffer solution bottles, and 2) calibration at 
room temperature only and use of temperature compensation. As can be seen 
in Fig. 2.16 a), the use of temperature compensation resulted in a too large 
increase in pH at elevated temperatures, which tells that E’ and s are not true 
constants. At 60°C, the pH indicated by method 2) was 0.1 pH units higher 
than the value from method 1). Hence, it is necessary to calibrate the pH 
electrode at the measuring temperature to obtain accurate data, and this 
procedure was therefore adopted in the present laboratory work. 
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Figure 2.16 Effect of temperature on pH of a) 0.93 M CoCl2 + 0.24 M NaCl 
mixed solution measured after calibration at temperature or 
using the temperature compensation, and b) 0.93 M CoCl2 
electrolytes with different NaCl content. 
 
In Fig. 2.16 b), the influence of temperature on pH in CoCl2 electrolytes 
containing different amounts of NaCl is illustrated (calibration according to 
method 1). It is clearly seen that a high ionic strength results in a larger rise 
in pH with temperature. If the same hydrogen ion activity is preferred in all 
solutions, it is thus important to carry out the pH adjustments at the relevant 
temperature. 
 
 
2.3 Complexation 
 
2.3.1 Introduction to chloride complexation 
 
Transition metal ions can form complexes with a wide variety of inorganic 
and organic ligands in aqueous media [132]. The ligands are anions or 
neutral compounds able to donate at least one electron to the central metal 
ion. The transition metals possess electrons in their d orbitals as the outer 
electron configuration, and hence are also called d block elements. When a 
complex is formed, the energies of the metal ion d orbitals change, and this 
generally leads to lowered energies, and hence a greater overall stability. A 
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range of oxidation states typical for transition metals may form complexes, 
and the charge of the complexes can be positive, neutral or negative. The 
octahedral geometry is by far the most common for transition metal 
complexes, but tetrahedral, square planar and linear geometries are also 
reported. Solutions of transition metal complexes often have bright colours, 
and the complex formation may affect the properties of these solutions, like 
solubility, reduction potential and activity. 
 
The chloride ion has an extra electron in its outer electron configuration, and 
this, in combination with its relatively small size, makes it a versatile ligand 
able to complex many metals and compounds. The extent of chloro 
complexation is largely dependent on the free chloride ion activity, and it 
tends toward higher substitution by Cl- at higher activity. The maximum 
coordination number of chloride complexes is often taken to be four [133]. 
Mononuclear complexes are most common, but the existence of polynuclear 
species like Cu2Cl42-, Cu3Cl63- and Cu2Cl3- has also been suggested [132]. 
Ions of the first row transition metals are strongly complexed with water and 
form only weak chloro complexes [127], whereas the heavier elements of the 
next rows show larger formation constants. Furthermore, the stability of the 
transition metal chloride complexes increases toward the end of each 
transition group. Hence, Hg2+ forms the strongest chloro complex, but strong 
complexes are also formed by the precious metals, which are characterized 
by several oxidation states and their very slow ligand exchange [115]. On the 
other hand, high valency metal ions, such as Ti(IV), V(V) and Mo(VI), are 
extensively hydrolysed and form only weak chloro complexes with their 
oxide species, i.e. TiO2+, VO2+ and MoO22+. 
 
 
2.3.2 Cobalt(II) chloro complex formation 
 
In dilute aqueous solutions, cobalt chloride behaves as a typical strong 
electrolyte (see the comparison of ionic activities in Fig. 2.2), while 
complexes are formed in concentrated solutions. For concentrations below 
2.5 molal, the water activity in CoCl2 solutions is slightly lower than in 
CaCl2 solutions, but for higher concentrations, aw in CoCl2 falls 
progressively less than aw in CaCl2 [126]. The less rapid decrease in aw in 
CoCl2 at high concentrations is due to chloride complexing and dehydration 
of Co2+. However, since the divalent cobalt ions are strongly complexed by 
water molecules and extensively solvated with a hydration number of 12, 
they form only weak chloro complexes. Fig. 2.17 illustrates the effect of 
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electrolyte concentration on the cation transport number, i.e. the fraction of 
the total current carried by the cations, of CoCl2 and ZnCl2 solutions. While 
the cobalt transport number shows only a moderate reduction with 
concentration, the transport number of zinc drops markedly and becomes 
negative at concentrations above 2 molal. This behaviour is explained by 
differences in the degree of chloro complexation, and the negative zinc 
transport number is caused by the presence of anionic complex species with 
higher mobilities than the normal hydrated metal ion [110]. 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
Figure 2.17 Cation transport number vs. the concentration of CoCl2 and 
ZnCl2 solutions at 25°C. Data taken from [112] and [110] 
respectively. 
 
Although cobalt exists preferentially as divalent hexahydrated ions with an 
octahedral geometry in dilute aqueous solutions, it shows a tendency to form 
a tetrahedral configuration under more concentrated electrolyte conditions 
[76]. The cobalt complex formation takes place by successive addition of 
chloride ligands and loss of bound water [134]: 
 
 OHO)CoCl(HClO)Co(H 252262 +=+ +−+  (2.32) 
 
 O3HO)(HCoClClO)CoCl(H 222252 +=+ −+  (2.33) 
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 OHO)(HCoClClO)(HCoCl 2-23222 +=+ −  (2.34) 
 
 OHCoClClO)(HCoCl 2-24-23 +=+ −  (2.35) 
 
From equations 2.32 – 2.35 it is evident that chloride complexation is 
favoured by high activity of free chlorides and low water activity. In 
addition, the complex equilibria are shifted in the forward direction at 
elevated temperatures [134, 135], and formation of the tetrahedral CoCl42- 
complex results in a colour change of cobalt chloride solutions from red to 
blue. The degree of complex formation can be represented by stepwise 
stability constants Kn and cumulative stability constants βn defined as: 
 
 4 3, 2, 1,n          ]][Cl[CoCl
][CoClK
n3
1n
n2
n
n ==
−−
−
−
 (2.36) 
and 
 n21n2
n2
n
n KKK]][Cl[Co
][CoCl
β ⋅⋅⋅==
−+
−
 (2.37) 
 
where the square brackets denote molar concentrations. The water molecules 
are usually omitted in these equations. 
 
A large scatter exists among the experimentally determined stability 
constants reported in the literature, especially for those species forming weak 
complexes like cobalt chloride [136, 137]. The reason for this variation is a 
combination of the different ionic strengths used, the different experimental 
techniques applied and the large number of electrolyte systems involved. 
The stability constants are true constants independent of concentration if 
activities are used, but single-ion activities are not known. As a consequence, 
the stability constants based on concentrations are highly dependent on the 
electrolyte ionic strength, and also on the temperature, due to changes in 
activity coefficients. Therefore, their practical applicability remains 
restricted to closely related solutions, having the same ionic strength. 
 
Reported stability constants for the cobalt chloride system are compared in 
Table 2.2. As can be seen, a large discrepancy exists between the values. The 
constants given by Bjerrum et al. [135] and Zeltmann et al. [134] are so-
called effective stability constants, obtained by curve-fitting to experimental 
measurements, and by introducing an activity term for the free chloride ion, 
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so that the constants can be used at different ionic strengths. A constant ratio 
of the activity coefficients for the cobalt chloride complexes was also 
assumed. Bjerrum et al. [135] studied the complexation of CoCl2 in 
concentrated LiCl, HCl and CaCl2 aqueous solutions by spectrophotometric 
measurements, and the chloride activity was estimated using a one-parameter 
expression based on Harned’s rule (log γCl- proportional to CCl- at high ionic 
strength). Zeltmann et al. [134] carried out their experiments in HCl solution 
containing small amounts of CoCl2, and the complex species distribution 
was determined by NMR. Activity corrections were made by setting the 
mean activity of HCl as the free chloride activity, and by also including the 
water activity. The temperature dependence of the stability constants was 
included as well. 
 
Table 2.2 Comparison of stability constants for the CoCl2 system. 
Reference log K1 log K2 log K3 log K4 log β4 
Bjerrum et al. [135] -1.05 -2.69 -1.54 -1.34 -6.62 
Zeltmann et al. [134] -0.77 -2.77 -2.51 -2.06 -8.11 
Belousov et al. [138] 0.82 0.44 0.35 -0.17 1.43 
Skibsted & Bjerrum [139] 1.34    2.57 
 
In contrast to the aforementioned effective stability constants, Belousov et al. 
[138] and Skibsted and Bjerrum [139] determined by spectrophotometry the 
concentration constants for the cobalt chloro complexes in 10 M HClO4. 
These stability constants are much larger, as they include the high chloride 
ion activity coefficients and the low water activities in concentrated 
perchloric acid. From Table 2.2 it can be seen that, except for the results by 
Belousov et al., the dichloro and trichloro complexes have a negligible small 
range of existence. 
 
By combining the stability constants and the total mass balances of cobalt 
and chloride, given in equations 2.38 and 2.39 respectively, the complex 
species distribution at a certain concentration can be estimated. 
 
 ][CoCl][CoCl][CoCl][CoCl][Co][Co 24322tot −−++ ++++=  (2.38) 
 
 ][CoCl4][CoCl3][CoCl2][CoCl][Cl][Cl 2432tot −−+− ++++=  (2.39) 
 
In solutions containing a large excess of chlorides, the total chloride 
concentration can be used as the free chloride concentration. However, if the 
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total cobalt content is considerable, the cobalt ions will bind chlorides to 
such an extent that a lower concentration of free chloride ions is obtained, 
which should be accounted for in the calculations. Jansz [133] developed an 
iterative procedure to calculate the distribution of complex species, including 
the effects of both ionic strength and temperature on the stability constants. 
Here, recalculations are needed because the species distribution alters the 
ionic strength, which again alters the stability constants. In order to establish 
the stability constant – ionic strength relationships for each complex at 
different temperatures, a range of experimentally determined K values at 
different concentrations must be known. Sufficient data exist for the ZnCl2 
and PbCl2 solutions studied by Jansz, but this is not the case for CoCl2 
solutions. Therefore, the stability constants and chloride activity function 
given by Bjerrum et al. [135] were used in the present work. Their data are 
of the latest date of those available, the stability constants reported by 
Zeltmann et al. [134] and Belousov [138] are evaluated in this paper, and 
their chloride activity function is easier to use than the one employed by 
Zeltmann et al. 
 
When using effective stability constants to calculate the distribution of 
complex species, the activity of the free chloride ions should be estimated by 
means of the same type of activity function as used to fit the stability 
constants to experimental data. β4, representing the stability of the 
tetrachloro complex, is a function of the fourth power of the chloride 
activity, so the calculated species distribution is very dependent on the 
activity function. Bjerrum et al. [135] introduced the following expression 
for the chloride ion activity in solutions containing more than 5 M chlorides: 
 
 
0.5]B[Cl
Cl 10][Cla
−−
−
−
⋅=  (2.40) 
 
where B is a constant specific to the type of background chloride salt 
involved (B = 0.170 for LiCl, 0.185 for HCl and 0.132 for CaCl2). Bjerrum’s 
stability constants given in Table 2.2 were used together with equations 2.37 
– 2.40 to calculate the degree of formation of each cobalt chloride complex, 
as a function of the total chloride concentration, in mixed solutions of 0.001 
M CoCl2 and varying concentrations of LiCl at 25°C (B = 0.170). To find 
the free chloride activity, the equations were solved using a trial and error 
routine. The resulting species distribution is displayed in Fig. 2.18. Even 
though the results are only approximate for chloride concentrations below 5 
M, they indicate that a significant portion of the cobalt ions exists in the 
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form of CoCl+ at intermediate chloride concentrations. The low stability of 
CoCl2 and CoCl3- is also evident from the figure, and in very concentrated 
solutions CoCl42- is the predominant cobalt species (> 8.5 M Cl-). 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
Figure 2.18 Calculated distribution of cobalt chloride complexes vs. the 
concentration of LiCl added to 0.001 M CoCl2 solution at 25°C. 
 
To get an idea of the extent of chloro complex formation in solutions 
containing appreciable amounts of cobalt, similar calculations were made for 
pure cobalt chloride solution and mixed solutions of CoCl2 and NaCl. Since 
the B value in equation 2.40 was not known for neither CoCl2 nor NaCl, the 
LiCl value was used throughout. The effect of temperature was also 
included, by using the change in enthalpy accompanying the formation of the 
complexes, as reported by Zeltmann et al. [134], ∆H (kJ/mole): 12.1 for K1, 
8.8 for K2, 47.3 for K3 and 3.3 for K4. If ∆H is regarded as independent of 
temperature within the range of interest, the stability constants may be 
adjusted from the reference temperature Tref to the relevant temperature T 
according to [133]: 
 
 





−
⋅
−=
ref
TT T
1
T
1
R2.303
∆H
β logβ log
ref
 (2.41) 
 
The calculated complex species distributions for pure cobalt chloride 
solutions at 25 and 100°C are shown in Figs. 2.19 a) and b) respectively. In 
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dilute solutions, the free Co2+ ion predominates, but as the concentration is 
raised, an increasing portion is converted to CoCl+. For concentrations above 
3.4 M, CoCl+ is the most abundant cobalt species at 25°C. Furthermore, the 
extent of chloro complexation is increased at elevated temperatures, and the 
more highly coordinated complexes become noticeable at high ionic 
strength, especially CoCl3-, which has the highest ∆H value. However, the 
formation of these complexes is restricted in pure CoCl2 solutions due to the 
limited availability of free chloride. 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
Figure 2.19 Calculated distribution of cobalt ions and chloride complexes 
vs. CoCl2 concentration at a) 25°C and b) 100°C. 
 
Fig. 2.20 shows how the distribution of cobalt species may change when 
sodium chloride is added to a 1 M CoCl2 solution. Na+ ions do not form 
chloro complexes, so NaCl can be regarded as a chloride ligand donor [140]. 
Hence, addition of NaCl results in an increase in the free chloride 
concentration, leading to more extensive cobalt chloro complex formation. 
As for pure CoCl2 solutions, higher temperatures are associated with a higher 
degree of complexation. 
 
 
 
 
 
0
20
40
60
80
100
0 1 2 3 4
CoCl2 (M)
Sp
ec
ie
s 
di
st
rib
u
tio
n
 
(%
)
Co2+
CoCl+
CoCl2
CoCl3-
CoCl42-
a)
0
20
40
60
80
100
0 1 2 3 4
CoCl2 (M)
Sp
ec
ie
s 
di
st
rib
u
tio
n
 
(%
)
Co2+
CoCl+
CoCl2
CoCl3-
CoCl42-
b)
 2.3   Complexation 65 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
Figure 2.20 Calculated distribution of cobalt ions and chloride complexes 
in mixed solutions of CoCl2 (1 M) and NaCl at a) 25°C and b) 
100°C. 
 
 
2.3.3 Reduction potentials in chloride media 
 
Electrode potentials for many species are altered in chloride solutions as a 
result of chloride complex formation. The formation of strong metal 
complexes lowers the potential at which the metal species is reduced to its 
metallic state [115]. As a consequence, the selectivity of the metal deposition 
process may change, resulting in codeposition of impurity elements, causing 
a deterioration of product quality. Complexation may also lead to higher 
electrowinning energy consumption, from an increase in cell voltage, and 
from reduced current efficiency due to more intense hydrogen evolution. By 
introducing the cumulative stability constant (see equation 2.37) in the 
Nernst equation and assuming that only free Co2+ ions are electroactive, the 
following equation was derived for the reversible reduction potential of 
cobalt chloride complexes to cobalt metal: 
 
( )][CoCl log][Cl log nβ log
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where E°Co2+/Co is the standard reduction potential of free Co2+ ions to cobalt 
metal. Equation 2.42 was used to predict the change in reduction potential at 
25°C when the free chloride ion activity is increased. The results, based on 
the stability constants given by Bjerrum et al. [135], are presented in Fig. 
2.21, in the form of a E-log aCl- diagram. It can be seen that the reduction 
potential is lowered at high chloride activities, where the predominant cobalt 
species is either CoCl+ or CoCl42-. The effect of chloride activity is more 
pronounced for the reduction potential of the highly coordinated tetrachloro 
complex; however, very high aCl- is needed to stabilize this compound. It 
should be noted that the complex species CoCl2 and CoCl3- are not included 
in Fig. 2.21, since neither of them is the most stable cobalt species for any 
chloride concentration (see Fig. 2.18). 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
Figure 2.21 Calculated E-log aCl- relationships for CoCl2 solution at 25°C. 
All cobalt species have unit activity. 
 
 
2.3.4 Cobalt solvent extraction from concentrated chloride solutions 
 
One way of separating cobalt from nickel ions is by the use of solvent 
extraction [76]. In chloride aqueous solutions, amines serve as the organic 
extractant. The separation is based on the fact that, while cobalt is forming 
stable anionic tetrahedral chloro complexes in strong chloride solutions, 
nickel does not. The cobalt extraction process by anion exchange, highly 
dependent on the activity of free chloride ions, may be described as [141]: 
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 ( ) (org) 423(org)32 (aq) 4 CoClNHRNH R2CoCl =+ +−  (2.43) 
 
Equation 2.43 shows that it is the tetrachloro cobalt complex which is being 
extracted, in this case by a protonated tertiary amine. Industrially, 
triisooctylamine (TIOA) is the most common extractant used to separate 
cobalt from strong nickel electrolytes of varying acidity. In the Falconbridge 
Matte Leach Process [141], cobalt (2 g/l) is extracted from a very acidic 
solution containing 120 g/l Ni and 160 g/l HCl (8.6 M Cl-), whereas in the 
Falconbridge Chlorine Leach Process [19], the cobalt solvent extraction 
process is carried out in a high chloride low free acid solution (g/l: Co 10, Ni 
230, HCl 4; 7 M Cl-). From the cobalt complex species distribution in Fig. 
2.18, it can be seen that an appreciable portion of the cobalt exists as CoCl42- 
at these high chloride concentrations. However, the species distribution will 
probably be somewhat different in NiCl2 solutions. It should also be 
mentioned that a much stronger complex formation is found in non-aqueous 
solvents, since they have a lower solvating power toward Co2+ [139]. Muir 
and Senanayake [115] explain the more extensive complexation observed 
when adding water soluble organic solvents by an enhanced chloride 
activity, caused by the disruption of hydrogen bonding to water. The ease of 
solvent extraction will be influenced by the stability of the complex in the 
organic phase as well [142]. 
 
 
2.3.5 Stability constants for various metal chloride and cobalt complexes 
 
Stability constants for selected metal chloride complexes are listed in Table 
2.3. In concentrated aqueous solutions, divalent nickel ions are converted to 
the monochloro complex NiCl+ to a significant degree, but there is no 
evidence of NiCl3- or NiCl42- species [127]. Ferric ions are known to form 
quite strong chloro complexes, and it is interesting to see that trivalent cobalt 
ions may form an even stronger CoCl2+ complex, which decomposes to Co2+ 
and Cl2 [98]. Furthermore, monovalent copper is stabilized in chloride 
solutions, which makes it possible to reduce the energy consumption in 
copper electrowinning considerably compared to traditional copper sulphate 
electrowinning [140]. Finally, the very high stability of the mercuric chloride 
complexes is evident. 
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Table 2.3 Stability constants for different metal chloride complexes at 
25°C. Data taken from Martell and Smith [99]. 
Metal ion log β1 log β2 log β3 log β4 
Ni2+ 0.00 a    
Fe3+ 0.63 a 0.75 a -0.7 a  
Co3+ 1.42 b    
Zn2+ 0.43 c 0.61 c 0.5 c 0.2 c 
Pb2+ 1.59 c 1.8 c 1.7 c 1.4 c 
Cu+ 2.70 d 6.00 d 6.0 d  
Hg2+ 6.74 e 13.22 e 14.1 e 15.1 e 
a
 Ligand ionic strength I = 1, b I = 3, c I = 0 (corrected), d I = 5, e I = 0.5. 
 
In Table 2.4, stability constants for several cobalt complexes in aqueous 
solution are shown. While cobalt ions form relatively weak complexes with 
most inorganic ligands, very strong complexes are formed with many 
organic ligands. Hence, an excess of these organic ligands may solubilize  
cobalt ions in neutral or alkaline solution. The degree of complexation is 
often strongly pH dependent, since for the majority of organic ligands, the 
deprotonated form has the greatest affinity for metal ions. The data in Table 
2.4 also illustrate that the trivalent cobaltic ions may be stabilized to a higher 
degree than the divalent cobaltous ions, which may cause a considerable 
decrease in the Co3+ – Co2+ reduction potential [143]. 
 
Table 2.4 Stability constants for selected cobalt complexes [99]. 
Cobalt 
valency Ligand log β1 log β2 log β3 log β4 log β5 log β6 
+2 Fluoride a 0.4      
“ Bromide b -0.13 -0.4     
“ Ammonia c 1.99 3.50 4.43 5.07 5.13 4.39 
+3 “ d      35.21 
+2 Glycine e 5.07 9.04 11.63    
“ Acetate e 1.46      
“ Tartrate e 3.05 4.0     
“ Citrate f 5.00      
“ Ethylenediamine g 5.6 10.5 13.8    
+3 “ h   48.69    
a
 25°C I = 1, b 20°C I = 0.7, c 20°C I = 0, d 30°C I = 2, e 25°C I = 0, f 20°C I = 0.1, 
g
 25°C I = 0.1, h data taken from [143] (temp. and I not specified). 
 
 
  
 
 
 
 
Chapter 3 
 
 
EXPERIMENTAL 
 
 
The cobalt electrowinning process from aqueous chloride solutions was 
studied in a laboratory scale electrochemical cell and in a pilot plant at 
Xstrata Nikkelverk AS, Kristiansand, Norway. In both experimental setups, 
focus has been put on the anode process and the deposition of cobalt oxide 
scale in particular, which takes place on dimensionally stable anodes parallel 
to chlorine evolution. The intention of the preliminary testing on a laboratory 
scale was to examine the effects of key parameters on the electrowinning 
process, and to develop alternative methods to suppress or eliminate anode 
scaling. The results obtained in the laboratory should then form the basis for 
the pilot testing. Cobalt oxide precipitates and various anode materials were 
also characterized by scanning electron microscopy and x-ray diffraction 
analysis. 
 
 
3.1 Laboratory scale experiments 
 
3.1.1 Electrochemical cell 
 
All electrochemical experiments on a laboratory scale were carried out using 
the setup shown in Fig. 3.1. The single-compartment electrochemical cell 
was made of glass, it had a cylindrical cross-section and the volume of 
electrolyte was 3 litres. The cell was immersed in a water bath for 
temperature control (± 1°C), and gentle electrolyte mixing was provided by a 
magnet stirrer placed underneath the water bath. A lid covering the cell to 
minimize electrolyte evaporation had separate holes for electrodes, salt 
bridge, thermometer and a glass sinter for nitrogen sparging. 
 
 70 Chapter 3.   Experimental 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
Figu
re
 3.1
 L
aborato
ry
 electro
che
m
ical
 cell
 with m
agnified cro
ss
-sectio
n
al
 view
 of
 the
 w
o
rking electrode
.
 
 3.1   Laboratory scale experiments 71 
The geometric surface area of the stationary working electrode that was 
exposed to the electrolyte was 3.1 cm2 and circular in shape. The disk-
shaped electrode, usually a DSA® (see section 3.1.3), was mounted in a 
holder of PVDF designed for easy disk replacement. A Luggin capillary, in 
ionic contact with a calomel reference electrode (Radiometer REF401 in 
saturated KCl) through a salt bridge of KCl-saturated Bacto Agar gel 
(Merck), was placed close to the electrode surface for measuring the 
electrode potential. The counter electrode consisted of a 3.1 cm2 titanium 
bolt embedded in PVDF. Electrochemical measurements were performed 
with either a PAR 173/175 potentiostat/universal programmer or a VoltaLab 
DEA332/IMT102 potentiostat. A Keithley 2000 multimeter connected to a 
PC served as current and electrode potential logger when using the PAR 
equipment, which was equipped with a PAR 179 digital coulometer for 
measuring the total electric charge applied during electrolysis. 
 
 
3.1.2 Cobalt electrolytes 
 
Industrial electrolyte from the Xstrata Nikkelverk cobalt tankhouse was used 
in all experiments. Large quantities were acquired twice, in January 2002 
and March 2004, from the inlet to the electrowinning tanks. The chemical 
compositions of the two electrolyte batches, as assayed by the Xstrata 
Nikkelverk analytical laboratory, are given in Table 3.1. 
 
Table 3.1 Cobalt electrolyte compositions. 
Date Co Na Cl SO4 Ni Si Cu Fe Pb Mn Zn 
 (g/l) (g/l) (g/l) (g/l) (mg/l) (mg/l) (mg/l) (mg/l) (mg/l) (mg/l) (mg/l) 
Jan. 02 55 5.6 75 0.24 80 3 0.02 < 0.5 0.02 < 0.5 0.5 
Mar. 04 54 1.8 69 0.58 41 2 0.07 < 0.5 0.02 < 0.5 < 0.2 
 
From Table 3.1 it can be seen that the electrolyte was an almost all-chloride 
solution containing some sodium in addition to cobalt. The concentrations of 
other impurity elements were low. The electrolyte pH was 1.15 and 1.05 at 
room temperature, and the concentration of HCl was 1.2 and 1.6 g/l 
respectively for the Jan. 02 and Mar. 04 samples. 
 
The pH of the electrolyte was adjusted by adding hydrochloric acid or 
sodium hydroxide (both p.a., from SDS). pH measurement was carried out 
after the electrolyte was heated to the prevailing experimental temperature, 
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since the change in pH with temperature was found to depend on the 
electrolyte composition (see section 2.2.7). In each experiment, the pH 
equipment (Radiometer PHC2001-8 electrode connected to a Radiometer 
PHM210 pH-meter) was calibrated at the experimental temperature by using 
heated buffer solutions (pH 1.68 (Radiometer) and pH 1.00 (Merck), 25°C). 
 
The regular cobalt electrolyte was modified in the following ways for use in 
separate sets of experiments: 
 
− The cobalt chloride concentration was decreased by dilution with 
deionized water and increased by evaporation. 
− The chloride concentration was increased by adding NaCl (p.a., SDS). 
− Cobalt sulphate electrolyte was prepared by electrolytic dissolution of 
Xstrata cobalt metal in sulphuric acid (p.a., SDS) to the same cobalt 
concentration as the industrial electrolyte. It was then mixed with regular 
electrolyte to different Cl : SO4 ratios. 
 
All modified electrolytes were analysed at the Xstrata Nikkelverk analytical 
laboratory. 
 
 
3.1.3 Anode materials 
 
The various anode materials studied in the laboratory are listed in Table 3.2. 
12 different DSA®-type anodes, made of titanium coated with noble metal 
oxides, were characterized and tested as anodes for electrowinning of cobalt. 
Pure titanium and graphite were also tested. 
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Table 3.2 Anode materials tested in the laboratory electrochemical cell. 
Designation Coating composition (molar ratio) 
Catalyst loading 
(g noble metal/m2) Coating application 
Reg Ru:Ir ~2:1 + Ti  Electrostatic spray 
Reg* See text   
Ir-Ru-Ti Ir:Ru ~1:1 + Ti  Electrostatic spray 
Ru-Ti Ru 30 % + Ti 70 %  Electrostatic spray 
Ru-Ir-Ti 350°C Ru:Ir ~2:1 + Ti 3.8 Brushing 
Ru-Ir-Ti 400°C Ru:Ir ~2:1 + Ti 3.5 Brushing 
Ru-Ir-Ti 450°C Ru:Ir ~2:1 + Ti 3.3 Brushing 
Ru-Ir-Ti 500°C Ru:Ir ~2:1 + Ti 2.8 Brushing 
Ir-Ta 350°C Ir 70 % + Ta 30 % 6.3 Brushing 
Ir-Ta 400°C Ir 70 % + Ta 30 % 4.7 Brushing 
Ir-Ta 450°C Ir 70 % + Ta 30 % 4.9 Brushing 
Ir-Ta 500°C Ir 70 % + Ta 30 % 4.6 Brushing 
Ti    
Graphite    
 
 
3.1.3.1 Anode preparation 
 
The DSA® anodes were prepared by Permascand AB by thermal 
decomposition of coating solution applied on pretreated titanium plate of 
thickness 2.5 or 3 mm. After coating, DSA® disks with diameter 30 mm 
were made by punching. 
 
The first four electrodes in Table 3.2 were commercial coatings, and they 
consisted of many layers applied by electrostatic spray deposition. The Reg 
electrode was used in most experiments, while the Reg* electrode was used 
in only a few tests. Originally, these two electrodes had the same type of 
coating, but due to various testing carried out by Kongstein in a previous 
PhD study [65], the latter electrode was modified. The Ir-Ru-Ti electrode 
had a lower catalyst loading than the other commercial coatings, while the 
Ru-Ti electrode had a standard chlor-alkali coating. 
 
Electrodes with the regular Ru-Ir-Ti oxide coating and an Ir-Ta oxide 
coating were prepared at different thermal decomposition temperatures in the 
Permascand laboratory. The substrates of ASTM grade 1 titanium were first 
degreased and then etched in a boiling solution of 6 M HCl until 1 % loss of 
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weight. Coating solution was painted on the pretreated substrates by 
brushing before the electrodes were dried at 80°C for 10 minutes and then 
fired at 350, 400, 450 or 500°C for 10 minutes. After baking the electrodes 
were cooled at room temperature. This coating procedure was repeated 5 
times. The Ru-Ir-Ti and Ir-Ta coating solutions were made by dissolving 
metal chloride precursors in acidified water and an organic/water mixture 
respectively. To avoid variation in the oxide composition, the same two 
batches of coating solution were used for all temperatures. Contrary to the 
commercial coatings, the mixed oxide electrodes prepared at different 
decomposition temperatures were not subjected to any final annealing. The 
catalyst loading was calculated from the anode weight increase. 
 
Titanium metal without catalytic coating was tested as anode without any 
pretreatment. When polarized anodically in aqueous solutions of NaCl or 
Na2SO4, this anode material was found to become passivated [144]. The 
graphite anode tested was of HLM quality supplied by SGL, and it was 
machined into disks of identical size and shape as the DSA®’s. 
 
 
3.1.3.2 Characterization 
 
Scanning electron microscopy (SEM), x-ray diffraction analysis (XRD) and 
cyclic voltammetry (CV) were performed on the DSA® anode materials to 
study surface morphology and coating composition, structure, crystallinity 
and electrochemically active surface area. A Hitachi S-4300 field emission 
scanning electron microscope, equipped with an Oxford energy dispersive 
spectroscopy (EDS) system for element distribution analysis, was used for 
SEM examination. XRD spectra of the anodes were recorded by a Philips 
PW 1050/25 x-ray diffractometer, with a step size of 0.02°, step time of 1 
second, fixed slit opening and a Cu-Kα x-ray source (wave length 1.54 Å). 
Cyclic voltammetry was carried out in 0.5 M H2SO4 (25°C, p.a., Merck) 
between 0.4 and 1.4 VSHE with a sweep rate of 20 mV/s. The cell in Fig. 3.1 
was used, but this time with platinum mesh as counter electrode. Nitrogen 
gas was bubbled through the solution for removal of dissolved oxygen prior 
to electrochemical analysis. Nitrogen atmosphere was also maintained in the 
cell during measurements, as the nitrogen addition was continued above the 
electrolyte surface. 
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DSA® disks covered by various amounts of anode deposit were also 
subjected to SEM and XRD analysis. After cobalt electrolysis, the electrodes 
were washed with deionized water and dried in air at room temperature. X-
ray diffractograms of anode deposit on DSA® were obtained by the same 
procedure as used for the deposit-free electrodes. Industrial scale collected 
from anodes in the Xstrata Nikkelverk cobalt tankhouse and precipitates 
formed in the bulk solution during cobalt electrolysis at high pH were 
washed with deionized water, dried at 60°C and ground to fine powder 
before their XRD spectra were recorded using a Siemens D5005 
diffractometer. The settings were a step size of 0.1°, step time of 10 seconds, 
variable slit opening and a Cu-Kα x-ray source (1.54 Å). 
 
 
3.1.4 Experimental procedures 
 
The rate of anode scaling during cobalt electrolysis was determined by two 
alternative methods, shown schematically in Fig. 3.2. Both methods started 
with galvanostatic cobalt electrolysis, but there were differences in the 
subsequent determination of the amount of scale formed. In the 
electrochemical route, developed by Kongstein [65], the cobalt oxide was 
redissolved by sweeping the electrode potential in the cathodic direction, 
whereas in the chemical route the scale was dissolved chemically in etching 
solution. The electrochemical route was used in most experiments, but the 
chemical route was introduced since it was found that the anode scale was 
not completely stable in cobalt electrolyte at open circuit potential (see 
section 4.2.4.2). 
 
When the electrolyte was heated to the desired temperature before 
electrolysis, nitrogen gas was introduced to remove dissolved oxygen and 
chlorine. Nitrogen sparging was continued during electrolysis, but with less 
intensity and just below the electrolyte surface. When the correct 
temperature was reached, the pH of the electrolyte was measured and 
adjusted if necessary, and the electrodes, rinsed carefully with deionized 
water, were then immersed in the electrolyte and left at open circuit potential 
for at least 30 minutes to stabilize the system. Shortly before electrolysis 
start-up, the ohmic drop in electric cables, connections and in the electrolyte 
between the tip of the Luggin capillary and the anode surface was measured 
by using the VoltaLab potentiostat. Its VoltaMaster 2 software has a separate 
function for the determination of ohmic drop at zero faradaic current, where 
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Figure 3.2 Two alternative methods for determination of anode scaling rate. 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
Figure 3.3 Linear sweep voltammograms of DSA® with anode scale (1st 
sweep) and without anode scale (2nd sweep). The potential 
sweeps were performed in cobalt chloride solution from 1.34 to 
0.04 VSHE at sweep rate 1 mV/s. 
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current pulses were applied for 35 µs, and the ohmic drop was then 
calculated automatically from the relationship between the measured 
potentials and the applied currents. After each experiment, the anode 
potentials measured during galvanostatic electrolysis were IR-compensated 
and converted to the standard hydrogen scale (SHE) according to the 
equation: 
 
 0.241RIE(V) E SCESHE +⋅−=  (3.1) 
 
where ESCE is the uncompensated potential measured relative to the saturated 
calomel electrode (V), I the constant current applied (A) and R the ohmic 
drop obtained as described above (Ω). 
 
When following the electrochemical route, the cell cover containing the 
electrodes was moved to a separate cell immediately after the termination of 
electrolysis. This identical cell always contained 3 litres of regular N2-
sparged cobalt electrolyte at temperature 60°C and pH 1.6. The electrolyte 
was replaced to avoid the unwanted influence of dissolved chlorine during 
linear sweep voltammetry, which was started as soon as the equipment was 
reassembled. The potential of the working electrode was swept in the 
cathodic direction from 1.34 VSHE (the approximate onset of chlorine 
evolution) to 0.04 VSHE at 1 mV/s sweep rate, which resulted in the 
electrochemical reduction of the trivalent cobalt and subsequent 
redissolution of the anode scale, giving rise to a cathodic current, as shown 
in Fig. 3.3. The potential sweep was ended at 0.04 VSHE in order to avoid 
hydrogen evolution and cobalt metal deposition on the DSA®. At the end of 
the first potential sweep the anode scale had dissolved, and a second sweep 
was then performed on the clean electrode after holding the potential at 1.34 
VSHE for 1 minute to reoxidize the noble metal oxides in the catalytic 
coating. The extent of anode scaling, expressed as the current efficiency for 
CoOOH deposition, was calculated from the charge difference between the 
two potential sweeps: 
 
 
( )
EW
1 sweep2 sweep
CoOOH Q
100tII(%) CE ⋅⋅−=  (3.2) 
 
where Isweep 1 and Isweep 2 are the average currents during the first and the 
second sweeps respectively (A), t is the time per sweep (seconds) and QEW is 
the total electric charge applied during electrolysis (C). A few tests involving 
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cathodic potential steps instead of sweeps to dissolve anode scale were also 
conducted. 
 
In the chemical route, the working electrode was washed with deionized 
water once the electrolysis current was switched off. The washing was 
carried out with care in order to avoid scale peeling off the electrode. After 
drying at 50°C, the electrode was dipped in 100 ml of aqueous etching 
solution (12 g/l H2O2, 18 g/l H2SO4, < 0.05 mg/l Co, 2 – 4 mg/l Cl) for 10 
minutes to redissolve the anode scale. Then the etching solution was 
submitted to chemical analysis of its cobalt and chloride contents, conducted 
at the Xstrata Nikkelverk analytical laboratory by atomic absorption and 
potentiometric titration respectively. The anode scaling rate was calculated 
from the cobalt content in the etching solution, after it was adjusted for the 
cobalt present due to traces of electrolyte, estimated from the increase in 
chloride concentration during etching: 
 
 
( ) ( )
6
EWCo
elCl,
elCo,
Cl,0ClCo,0Co
CoOOH 10QM
100FV
C
C
CCCC
(%) CE
⋅⋅
⋅⋅⋅







−−−
=  (3.3) 
 
where CCo,0 and CCl,0 are the concentrations of cobalt and chloride in the 
etching solution before use (mg/l), CCo and CCl the concentrations after 
etching (mg/l), CCo,el and CCl,el the cobalt and chloride concentrations in the 
electrolyte (g/l), V the volume of etching solution (ml), F the Faraday 
constant (96487 C/mole) and MCo the atomic weight of cobalt (58.93 
g/mole). 
 
The current efficiency for cobalt metal deposition on the counter electrode 
was estimated by weighing the metal (± 0.0001 g) after it was stripped off 
the titanium surface, washed with water and dried in air at room temperature: 
 
 
EWCo
Co
Co QM
WF2(%) CE
⋅
⋅⋅
=  (3.4) 
 
where WCo is the mass of cobalt metal deposited. In the case of the 
electrochemical route, where the cobalt metal acted as counter electrode 
during linear sweep voltammetry, its weight was corrected for the metal 
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dissolution, assuming that this reaction proceeded at 100 % current yield 
during potential sweeps. 
 
The same electrolyte could be used in several experiments, since its volume 
was large compared to the electric charge applied, resulting in negligible 
changes in the cobalt and chloride concentrations. The electrolyte volume 
was checked between experiments, and deionized water was added if 
needed. 
 
 
3.2 Pilot scale experiments 
 
3.2.1 Description of the Xstrata Nikkelverk electrowinning pilot plant 
 
In August 2000, a project group at Xstrata Nikkelverk started preliminary 
work on a new pilot plant for electrowinning of metals from aqueous 
solutions. Previously, most of the electrowinning process development work 
was carried out in full-size production tanks or bench scale setups, both 
accompanied with several shortcomings. It was, therefore, essential that the 
new equipment was to be based on the same technology as used in 
production (see section 1.3.2), and with large enough dimensions so that the 
tankhouse processes could be simulated properly. Making it mobile and 
suitable for operation as a separate unit was also regarded as important. 
Since commissioning at the end of 2003, the electrowinning pilot plant has, 
after some minor modifications, been operated successfully, producing both 
nickel and cobalt cathodes of high quality from chloride solutions. A 
flowsheet and a photograph of the plant, with a capital cost of more than 
NOK 2 million, are shown in Figs. 3.4 and 3.5 respectively. 
 
The electrowinning pilot plant consists of three main units; an 
electrowinning cell, a dechlorination facility and a mixing tank. Feed 
electrolyte is introduced continuously at one end of the electrowinning cell, 
below the electrolyte surface. The open tank (length 1 m, width 0.8 m, depth 
1.6 m), containing five parallel-plate cathodes and six anodes with 130 mm 
anode-anode spacing, is made of GRVE, and it has the same dimensions as 
the production tanks with the exception of a shorter length, thus fitting 
commercial electrodes. Each anode is surrounded by a permeable bag to 
collect the chlorine gas produced. Chlorine compressors in the chlorine leach 
department simultaneously provide suction in the electrowinning section for 
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withdrawal of the anode gas along with the anolyte, via anode hoods through 
overflow ducts connected to a manifold running alongside the 
electrowinning cell. Excess electrolyte is returned directly to the mixing tank 
by overflow at the opposite end to the inlet, thereby securing a constant 
catholyte level in the electrowinning cell. The catholyte surface is covered 
with styrofoam beads to suppress the extent of aerosols in the tankhouse 
atmosphere. A separate power supply with a capacity of 4000 A and 10 V, 
type pe5010-CT-W provided by Plating Electronic, generates the electrolysis 
current needed. It can deliver periodically interrupted current (PIC; on-time 
1-1000 seconds, off-time 0.01-10 seconds) as well as constant direct current. 
 
Anolyte from the anodes is saturated with chlorine, which must be removed 
before the electrolyte can be returned to the electrowinning cell after make-
up with strong solution. First, the chlorine gas is separated from the anolyte 
in a gas-liquid separator, from where the gas is piped to the tankhouse 
chlorine suction system. The anode suction is adjusted manually with a valve 
and a moveable bubble tube connected to the freeboard of the dechlorination 
facility and submerged in a constant level liquid phase of the separator for 
fine-tuning, the negative pressure being metered by a digital manometer 
mounted on top of the separator. Anolyte from the separator is then directed 
to a container of GRVE divided into three compartments in series 
constituting the dechlorination facility, where dissolved chlorine is stripped 
out by air. In each compartment, holding 0.2 m3 of electrolyte, air is 
introduced below a Rushton turbine impeller of titanium, rotating at up to 
1000 rpm for efficient air dispersion. Stripped chlorine and air are vented to 
the same suction system as the anode gas, while condensed water is returned 
to the first compartment through a separate pipe. To control the 
dechlorination efficiency, the redox potential is measured in the anolyte 
leaving the last compartment. For safety reasons, the electrolysis current is 
stopped if the redox value exceeds a predetermined value. 
 
The mixing tank, receiving anolyte from the dechlorination facility as well as 
overflow catholyte from the electrowinning cell, is made of titanium and 
contains 1 m3 of electrolyte. It is heated by an outside water jacket of 
stainless steel. A portion of the electrolyte pumped to the electrowinning cell 
is returned back to the mixing tank, and in this loop the electrolyte pH is 
measured continuously, as is the cobalt concentration, using a photometer of 
Xstrata Nikkelverk design. pH and concentration are then controlled by 
adding HCl (concentrated, technical grade) and strong make-up solution 
from the cobalt refinery (typically 85 g/l Co, pH 1.6 at room temperature). 
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The volume balance of the system is taken care of by bleeding some 
electrolyte to the chlorine leach department, controlled by the electrolyte 
level in the mixing tank. 
 
The electrowinning cell is mounted at a higher level than the dechlorination 
facility, which again is above the mixing tank. In this way only one 
centrifugal pump is needed for electrolyte circulation, transporting the 
electrolyte from the mixing tank to the electrowinning cell, while the 
remaining electrolyte streams are driven by gravity. Before being subjected 
to electrolysis, the feed electrolyte is polished in a Bofil 9000-M filtering 
unit equipped with filter cartridges containing active carbon for removal of 
organic impurities and solid material. A Siemens PLS is used for process 
control, to which a personal computer is connected for process data logging. 
 
 
3.2.2 Electrodes 
 
In all pilot scale experiments, the electrowinning cell was equipped with five 
cathodes and six anodes of the same size as used in the tankhouse production 
tanks. Cobalt starting sheets from the cobalt refinery served as cathodes 
(1.31 m × 0.72 m × ∼0.5 mm, ∼5 kg), placed in plastic frames to promote 
cathode verticality and to minimize edge build-up. The 7 different anode 
types tested, which were all of the DSA® type, are presented in Table 3.3. 
Sketches of the five anode substrate designs involved are shown in Fig. 3.6. 
 
Table 3.3 Anodes tested in the electrowinning pilot plant. 
Designation Titanium 
substrate 
Geometric coating 
surface area 
(m2/anode) 
Coating state 
Reg Rod (dia. 4 mm) 0.46 Recoated 
Reg* Rod (dia. 4 mm) 0.46 Worn 
Ti Rod (dia. 4 mm) 0.46 Sandblasted 
1st cut Rod (dia. 4 mm) 0.26 Worn 
2nd cut Rod (dia. 4 mm) 0.17 Worn 
ESA Rod (dia. 3 mm) 0.61 Recoated 
Box Mesh 2.06 New 
 
The majority of the experiments were carried out using anodes consisting of 
grids of titanium rods, identical to those applied in the Xstrata Nikkelverk 
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cobalt tankhouse. In these experiments, one particular anode, which had 
been in operation in the nickel tankhouse for several years since being 
recoated (Reg* in Table 3.3), was always placed in the no. 3 anode position 
from the cell inlet, while the other five were picked out from a group of ten 
anodes recoated by Permascand. Titanium substrates, obtained by removing 
the original catalytic coating by sandblasting, were also tested as anodes. To 
study the effects of anode surface area, vertical rods were cut off and 
removed from six worn anodes in two steps as shown in Figs. 3.6 c) – e), and 
experiments involving larger area ESA (extended surface area) and box 
DSA®’s were carried out. For the ESA anode, the number of vertical rods 
was twice that of the regular type, which with a rod diameter of 3 mm 
instead of 4 mm resulted in a 35 % increase in anode surface area. 
 
 
 
 
 
 
 
 
 
 
 
 
Figure 3.6 Anode substrate designs tested in the electrowinning pilot plant. 
a) Box (Sjöberg et al. [145]), b) ESA, c) Regular rod, d) 1st cut, 
e) 2nd cut. 
 
In two separate series of experiments, either concentrated HCl (technical 
grade) or H2O2 (35 %) was added continuously into the anode compartments 
during electrowinning. A hole was drilled in each regular anode hood for 
rubber tubes laid towards the bottom of the bags, through which the 
additives were pumped using a displacement pump. 
 
 
3.2.3 Experimental procedures 
 
As mentioned in section 3.2.1, the levels of several key electrowinning 
parameters were logged continuously throughout each pilot scale 
 
a) b) c) d) e)
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experiment. In addition, the following process data were collected at least 
twice per test during electrolysis: 
 
− Cathodic and anodic current distribution. The current supplied to each 
electrode was measured with a hand-held digital clamp amperemeter (± 1 
A). 
− Temperature in the catholyte overflow (± 0.1°C). 
− Anode gas composition. Concentrations of chlorine and oxygen in the 
anode gas sampled from the manifold were analysed using an Orsat 
setup, the two gases being absorbed consecutively in aqueous potassium 
iodide and pyrogallol respectively (± 0.1 %). The gas was not dried prior 
to analysis. 
− Anolyte flow. The flow of anolyte was measured after dechlorination by 
collecting the volume leaving the third compartment for one minute, 
sampled by opening the valve 9) in Fig. 3.4 (± 0.1 ltr/min). 
− Cell voltage. The voltage applied by the rectifier was read from its digital 
display (± 0.1 V). 
− Electrolyte pH values. Samples of feed electrolyte, catholyte overflow 
and dechlorinated anolyte were cooled to room temperature for pH 
measurement (± 0.001 pH unit). For practical reasons, in the pilot work 
pH was measured at room temperature. 
 
Furthermore, feed electrolyte sampled prior to termination of each 
experiment was submitted to the Xstrata Nikkelverk analytical laboratory for 
analysis of its content of cobalt and chloride. Cobalt was analysed by 
complex titration with EDTA, while the chloride content was determined by 
potentiometric titration. 
 
Shortly after switching off the electrolysis current, the cobalt cathodes were 
harvested one at a time, using an electric crane, and then weighed (± 0.05 
kg) for the determination of cobalt current efficiency. The QEW value in 
equation 3.4 was measured by the power supply (± 0.1 Ah). The cathodes 
were used over again until their single weight reached a maximum of 90 kg, 
whereafter they were all replaced by new starting sheets. 
 
About 20 minutes after stop of electrolysis, at least one of the six anodes was 
removed from the cell for determination of the amount of anode scale 
formed, utilizing a method based on the same principles as the laboratory 
chemical route (see section 3.1.4). The applied suction was maintained on 
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the anodes after current interruption, thus withdrawing the bulk of the 
chlorine before anode removal. It was, however, found to be important not to 
wait too long, to avoid redissolution of scale. Once out of the electrowinning 
cell, the anode bags were filled with water for stabilizing and washing the 
scale. A separate container made of GRVE was constructed for anode 
cleaning. Its two compartments, 60 litres each, were filled with water and 
etching solution for additional washing and scale dissolution respectively. 
The anodes were cleaned one at a time after removing the anode bag, first in 
the water compartment and then in the etching solution. 10 minutes of 
etching was normally sufficient to dissolve all the scale from an anode. 
Some scale was flaking off the electroactive anode surface, accumulating at 
the bottom of the bag during electrowinning. This material was collected and 
added to the etching solution, followed by thorough mixing and sampling. 
Cobalt and chloride concentrations of the etching solution were used for the 
calculation of current efficiency for CoOOH formation according to equation 
3.3, where QEW was the charge applied to the particular anode (C), obtained 
by multiplying the measured anode current (A) with the electrowinning time 
(seconds). The same etching solution was utilized in several experiments 
before being replaced. Subsequent to etching, the anodes were washed with 
water and equipped with new bags, after which they were ready for 
continued electrolysis. 
 
 
  
 
 
 
 
Chapter 4 
 
 
RESULTS AND DISCUSSION 
 
 
This chapter consists of two major parts. In the first part, results obtained in 
the laboratory, using the three-electrode electrochemical test cell (section 
3.1), are presented and discussed, including characterization of the anode 
deposit. Effects of key operating parameters on the cobalt electrowinning 
process are outlined, with emphasis on the anodic deposition of cobalt oxide, 
followed by evaluation of different anode materials, alternative methods to 
suppress anode scaling and the experimental techniques applied. The second 
part is devoted to the larger scale experiments carried out in the Xstrata 
Nikkelverk electrowinning pilot plant (section 3.2). 
 
 
4.1 Characterization of anode deposit 
 
4.1.1 X-ray diffraction analysis 
 
An XRD diffractogram of the black flakes of scale formed on the anodes in 
the Xstrata Nikkelverk cobalt tankhouse is shown in Fig. 4.1, along with 
database patterns of various cobalt oxides. Several well defined peaks can be 
seen, indicating a crystalline structure, identified as heterogenite 3R, also 
known as alpha cobalt oxyhydroxide (α-CoOOH, see section 2.1.3). A close 
match was obtained for the 2θ peak positions, but there were some 
deviations in peak intensity from the database values. The diffractogram of 
α-CoOOH reported by Amatucci et al. [107] was similar to Fig. 4.1, 
although the peaks at high 2θ values were lower. 
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Figure 4.1 XRD diagram of industrial cobalt anode scale. JCPDS database 
patterns of various cobalt oxides below. 
 
Cobalt oxide deposited anodically in the laboratory was also subjected to 
XRD analysis, without removing it from the DSA® surface. The electrolysis 
conditions were the same as in the cobalt tankhouse, except for a higher pH 
(1.6 vs. ~1.3). A charge of 5000 coulombs was applied, giving ~1 mg of Co 
in the deposit per cm2 of geometric anode surface area. The diffractograms 
in Fig. 4.2 demonstrate that the underlying DSA® was still detectable when 
covered by cobalt oxide. The main peaks of α-CoOOH were also present in 
the diagram of cobalt oxide on DSA®, but they were much smaller and 
broader compared to Fig. 4.1. This can be due to a low thickness of the 
cobalt oxide layer, or a more amorphous precipitate. Ageing effects may 
have been involved, since the film on the laboratory electrode was deposited, 
washed and dried within a few hours time, while parts of the anode scale 
from the tankhouse were probably several months old when collected. 
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Transformation over time from an amorphous phase to a more defined 
crystalline structure is typical for hydrated metal oxides (see section 2.1.1). 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
Figure 4.2 XRD diagrams of clean regular DSA® (upper curve) and DSA® 
covered by anodically deposited cobalt oxide (lower curve). 
 
 
4.1.2 Chemical analysis 
 
On three occasions, industrial anode scale was collected, crushed, washed 
with deionized water and dried overnight at 60°C before being submitted to 
the Xstrata Nikkelverk analytical laboratory for chemical analysis. The 
analysed compositions are given in Table 4.1. 
 
Table 4.1 Chemical compositions of anode scale from Xstrata Nikkelverk 
cobalt tankhouse (wt %). 
Date Sampling point Co Mn Na Si Cl SO42- 
February 2004 * Anode 61.9 0.57 < 0.1 0.32 1.3 0.87 
October 2004 Manifold 63.0 < 0.1  0.14 0.16 0.23 
February 2005 Anode 60.8 0.43  0.21 0.16 0.21 
*
 Ni, Cu, Fe, Zn, Pb, Al, Cr, Mg, Ca, Ba, As, Te, Se, Bi, Sb, Sn, Ag < 0.5 wt % each 
 
Cobalt was the main component in the deposit, accounting for more than 60 
% of the dry total weight. The variation in cobalt content was low between 
the three samples, and it was very close to the theoretical cobalt content of 
64 % in pure CoOOH, indicating a small degree of hydration after drying. 
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Using the quartz crystal microbalance technique, Matsumoto et al. [75] 
found a hydration number of 1 for CoOOH deposited anodically on platinum 
from a 0.01 M cobalt chloride solution of pH 6 and ambient temperature, 
corresponding to 54 % Co. The hydration number was very much higher 
during the initial stage of electrolysis before decreasing to a constant value. 
The hydration number was also found to be dependent on the type of anion 
in solution. 
 
Even though Xstrata Nikkelverk cobalt electrolyte normally contains only 
traces of manganese (< 0.5 mg/l, see Table 3.1), it was accumulated in the 
anode deposit, most likely as MnO2. However, in the material collected from 
the manifold, which receives anode gas and electrolyte from each anode, the 
Mn level was below the detection limit. It is believed that this deposit 
originated from the anodes, and since it had probably been in the manifold 
for many years, there was plenty of time for Mn to be leached out. Hem et al. 
[89] demonstrated that Mn(III)/Mn(IV) oxides at the rest potential are acting 
as electron transfer mediators for oxidation of Co2+ ions to Co3O4 and 
CoOOH precipitates. The Mn oxides are then reduced and dissolve as Mn2+. 
According to Wei et al. [146], presence of Mn2+ ions in cobalt electrolyte 
results in an acceleration of the anodic deposition process, forming a film of 
mixed Co-Mn oxides. Bouchat and Saquet [147] claim that having a high 
level of Mn in solution is beneficial during cobalt electrowinning from 
sulphate media, as it suppresses the unwanted deposition of trivalent cobalt 
oxide on the lead anodes. 
 
The low level of sodium in the deposit agrees with the marginal alkali 
content in α-CoOOH reported by Benson et al. [105], in deep contrast to β-
CoOOH, which retained several percent of alkali (see section 2.1.3). 
Furthermore, it is not known whether the observed enrichment of silicon in 
the anode deposit came from inclusion of SiO2 particles suspended in the 
electrolyte, or a precipitation reaction at the anodes. Anyway, particles that 
go through the diaphragm surrounding each anode must be very small in 
size. 
 
Sulphate ions were incorporated preferentially to chloride ions in all 
samples, as the Cl : SO42- weight ratio was around unity in the deposit 
compared to > 100 in the electrolyte. The anions may be specifically 
adsorbed on the surface of the oxide particles, and insufficient washing can 
explain the high levels of Cl and SO42- in the first sample. Several transition 
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metals form oxychlorides or basic sulphates [115], which tend to precipitate 
at somewhat lower pH than the corresponding metal hydroxides [148], but 
the formation of such compounds does not seem to be typical for cobalt. 
 
The first sample was also analysed for its noble metal content, which 
amounted to approximately 160 ppm for the elements present in the DSA® 
catalytic coating. With annual CoOOH formation of 3 kg per anode, 
approximately 0.5 g of noble metals will then be lost with the deposit every 
year, representing almost 10 % of a typical new DSA® coating. 
 
The high purity of the anode scale from Xstrata Nikkelverk becomes evident 
when comparing its composition with that reported for the Vale Inco Port 
Colborne refinery (see section 1.5.3). It is interesting to see that if the high 
lead and manganese contents in the Inco deposit are subtracted as PbO2 and 
MnO2 respectively, the cobalt content becomes 58 %, which is relatively 
close to the Nikkelverk level. 
 
 
4.2 Laboratory scale experiments 
 
The effects of key operating parameters on the cobalt electrowinning process 
were studied in the cell described in section 3.1.1, by varying one parameter 
at the time in separate sets of experiments, keeping the rest constant at the 
standard conditions summarized in Table 4.2. Experiments were carried out 
in random order within each series, and some of them were repeated. 
 
Table 4.2 Standard electrolysis conditions in the laboratory experiments. 
Electric 
charge pH 
Electrolyte 
comp. Temp. 
Current 
density 
Stirring 
rate 
Anode 
material 
(C)   (°C) (A/m2) (rpm)  
500 1.6 CoCl2 60 800 150 Regular 
 
Industrial cobalt chloride electrolyte, with composition as given in Table 3.1, 
was used as standard electrolyte. Its pH was, however, increased to 1.6 at 
60°C in order to accelerate the deposition rate of anodically formed cobalt 
oxide. Galvanostatic electrolysis was conducted at identical anodic and 
cathodic current densities based on geometric surface areas. The standard 
anode material was titanium coated with the regular catalytic coating, 
consisting of RuO2, IrO2 and TiO2 (see section 3.1.3). The rotation speed of 
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the magnet at the bottom of the cell was the same during both electrolysis 
and the subsequent linear sweep voltammetry in cathodic direction, carried 
out to redissolve the deposited anode film. 
 
 
4.2.1 Influence of key electrowinning parameters 
 
In this section, results are presented from experiments focusing on the effects 
of the general electrolysis conditions, including electrolyte composition. 
Electrolyte from January 2002 was used as basis in all these tests, and the 
extent of anode scale formation was measured by the electrochemical route 
(see section 3.1.4). Experiments involving anode materials other than the 
regular coating are described in a separate section (see section 4.2.2). 
 
 
4.2.1.1 Effects of electric charge 
 
In these experiments, the total electric charge applied during electrolysis, 
QEW, was varied from 100 to 3000 coulombs, equivalent to deposition times 
of 6.6 minutes and 3.3 hours respectively. The calculated anodic current 
efficiency for cobalt oxide formation (CECoOOH) and the average anode 
potential measured during electrolysis (Eavg) are shown in Fig. 4.3 a), while 
the cathodic current efficiency for cobalt metal deposition (CECo) is 
presented in Fig. 4.3 b). 
 
As shown in Fig. 4.3 a), CECoOOH decreased from 0.16 to 0.13 % when the 
electric charge was increased from 100 to 3000 C, which corresponds to a 
surface coverage of 0.03 and 0.76 mg Co/cm2 respectively. By using a 
density of 4.9 g/cm3 for CoOOH (JCPDS XRD file card no. 07-0169), the 
CoOOH film thickness was estimated to 0.1 and 2.4 µm for the two cases. 
Nucleation and growth of a film on a foreign substrate usually require an 
extra initial energy, until the substrate has been covered by stable nuclei 
which can form a macroscopic deposit. Relatively long induction periods 
and high nucleation overpotentials have been demonstrated for anodic cobalt 
oxide deposition on several anode materials (see section 1.5.1). From Fig. 
4.3 a) it is apparent that the deposition rate was more or less constant for all 
electrolysis times tested at standard conditions, i.e., there was no sign of any 
induction period. At lower supersaturation, the induction period will 
probably become more significant. 
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Figure 4.3 Effects of electric charge on the cobalt electrowinning process.   
a) Anode scaling rate and anode potential, b) Cathodic cobalt 
current yield. CECo obtained in tests without linear sweep 
voltammetry are included (No LSV). 
 
According to Fig. 4.3 a), the average anode potential was stabilized after a 
relatively short time (~3 minutes), and it did not change further as the anode 
deposit was growing thicker on the DSA®. This indicates that the cobalt 
oxide layer had a high electrocatalytic activity for the gas evolution reactions 
taking place, in agreement with relevant literature, confirming the low 
overpotentials for both chlorine and oxygen evolution on cobalt oxides (see 
section 1.5.2). An increase in the active surface area of the electrode could 
also have been involved, as the anode was being covered by increasing 
amounts of electrochemically active cobalt oxide. The real active surface 
area of anodically deposited cobalt oxides can be very much higher than the 
geometric area, however, diffusion limitations of reactants and products in 
pores, cracks, grain boundaries etc. are restricting the utilization of inner 
layers of thick films (see section 1.5.1). 
 
Since the anode potential did not increase over time during electrolysis, the 
electrical conductivity of the anode deposit must have been relatively high, 
as the electrode surface was completely covered by cobalt oxide shortly after 
electrolysis start-up (see SEM images in Fig. 4.5). However, Benson et al. 
[105] measured the specific conductivity of α-CoOOH to be only 10-6        
Ω-1cm-1, and a similar test carried out in our laboratory, on industrial anode 
deposit, confirmed the very low conductivity of dried material [149]. During 
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electrolysis at standard conditions, such a low conductivity would result in a 
voltage drop of 8 V across a film of 1 µm thickness. Ohmic drop 
measuments in cobalt electrolyte, using the current pulse technique described 
in section 3.1.4, were performed on DSA®’s covered with various amounts 
of cobalt oxide, but these tests did not show any noticeable effect of film 
thickness. On the other hand, when an anode covered by cobalt oxide was 
washed with deionized water and dried at room temperature, the 
conductivity became poor. However, once reintroduced to electrolyte, the 
ohmic drop was back on the same low level as before drying. These tests 
indicate that the conductivity properties of the anode deposit changed 
remarkably when the material was dry, which may have been caused by the 
removal of water molecules from the CoOOH crystal lattice. Charge transfer 
through the hydrous oxide film is probably taking place by electron hopping 
between cobalt ions of different oxidation states (+2, +3, +4), which is 
coupled with proton transfer events, i.e., water must be present [54]. It 
should be noted that cracks in the deposited material may have influenced on 
the ohmic drop measured in electrolyte. 
 
In addition to the results from the regular experiments, Fig. 4.3 b) also shows 
cobalt current yields obtained in separate experiments performed for 
subsequent SEM and XRD analysis of anode deposits on DSA®. In these 
tests, no linear sweep voltammetry was carried out, and the cobalt metal was 
stripped off the titanium cathode immediately after electrolysis. CECo 
obtained in the two series corresponded well, decreasing from 95 % at low 
electric charge to 94 % at 5000 C. The lower CECo at high QEW was probably 
due to an increasing rate of chlorine reduction on the cathode with time, 
since each experiment started with chlorine-free electrolyte. The gentle 
nitrogen sparging during electrolysis was not very efficient in removing 
dissolved chlorine from the electrolyte. 
 
After the experiments, black particles could be observed both on the anode 
holder and as a residue when the electrolyte was filtered, and the number of 
particles increased when several experiments were carried out in the same 
electrolyte without filtration. The particles were probably anode deposit, 
which had flaked off the anode surface during electrolysis, due to vigorous 
gas evolution and residual stresses in the deposited film. The fact that scale 
detached from the anode during operation was confirmed by SEM analysis 
(see Fig. 4.5 f)). It is believed that the extent of peeling of the cobalt oxide 
scale increased as the film became thicker, which can explain the decline in 
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the amount detected as the electrolysis duration increased (Fig. 4.3 a)). 
Therefore, it was regarded as important not to run the experiments for too 
long, in order to minimize the loss of deposit. However, a certain amount of 
electric charge was needed for the anode scaling rate to be determined with 
acceptable precision. Short deposition times resulted in very small 
differences between the first potential sweep with anode deposit and the 
second sweep without, thereby increasing the uncertainty in the 
measurements. It should also be noted that the separate electrolyte used for 
dissolution of cobalt oxide, by means of linear sweep voltammetry, was 
almost free of particles, indicating that the deposit adhered well to the anode 
surface during potential scans. 
 
At 1000 and 3000 C, the anode surface was partly covered with a precipitate 
after cathodic potential sweeps. The colour of this precipitate was brown, as 
opposed to the regular black anode deposit. Furthermore, it was loosely 
attached to the DSA®, and could easily be washed off with water. Formation 
of this precipitate may have influenced the dissolution process during 
potential sweeps, resulting in less deposit being reduced and dissolved. Fig. 
4.4 presents voltammograms of anodes initially covered with different 
amounts of cobalt oxide. It is clear that the dissolution of scale was a 
relatively slow process, and a low sweep rate was preferred (1 mV/s). On the 
other hand, it was also found that the fresh anode deposit was not completely 
stable in the electrolyte at open circuit potential (OCP), and some of it 
would, therefore, be lost in the time between electrolysis and voltammetry 
due to chemical dissolution. To minimize this loss of cobalt oxide, potential 
scans were started right after the electrolysis was finished. Both the brown 
precipitates and the stability of anode deposits are discussed in more detail in 
sections 4.2.4.2 and 4.2.5. 
 
SEM images of DSA® surfaces covered with different amounts of cobalt 
oxide are shown in Fig. 4.5. The surface of the clean DSA®, free from any 
anode deposit, had a compact structure with unevenly distributed ruthenium-
rich pyramidal crystals of typical size ∼0.5 µm (Fig. 4.5 a)). After 100 C of 
charge applied under standard electrolysis conditions, the anode surface was 
almost completely covered by a thin film of cobalt oxide (Fig. 4.5 b)). 
According to EDS analysis, the film thickness was larger on the Ru-rich 
crystals than elsewhere, which can be explained by a higher local current 
density at these active sites. At this stage, circular cracks were also observed 
in the deposit, but it is not known whether they were formed during electro- 
 96 Chapter 4.   Results and discussion 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
Figure 4.4 Linear sweep voltammograms for the reduction of different 
quantities of cobalt oxide on DSA®. First potential sweeps from 
1.34 to 0.04 VSHE at 1 mV/s sweep rate, in standard cobalt 
electrolyte at pH 1.6 and 60°C. 
 
lysis, or in the subsequent drying process. As more charge was applied, the 
thickness of the film increased, and the electrode surface became more 
homogeneous, as the hemispherical grains growing on each crystal 
overlapped into larger agglomerates (Figs. 4.5 c) – e)). The width of the 
cracks, now more straight in shape, seemed to increase with increasing film 
thickness, and some of them followed the grain boundaries. 
 
For 1000 C and 5000 C in particular, some deposit had been detached from 
the anode surface. The existence of thin layers of cobalt oxide in some of the 
pits caused by deposit exfoliation demonstrates that some cobalt oxide was 
lost from the anode surface during electrolysis (Fig. 4.5 f)). 
 
Cross-sections of a DSA® covered with anode deposit were also examined 
by SEM, but, unfortunately, both the cobalt oxide film and the underlying 
catalytic coating had become partly broken during sample preparation. 
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Figure 4.5 SEM images of DSA® surface after applying different electric 
charges. a) 0 C (new electrode), b) 100 C, c) 500 C, d) 1000 C, 
e) and f) 5000 C. 
 
 
4.2.1.2 Effects of pH 
 
From the Pourbaix diagram of the Co-Cl-H2O system (see Fig. 2.1), a strong 
dependence on solution pH was expected for the anodic cobalt oxide 
deposition reaction. According to this diagram, CoOOH is the 
a) x10k 5 µm b) x10k 5 µm
c) x10k 5 µm d) x10k 5 µm
e) x9k 5 µm f) x1k 50 µm
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thermodynamically most stable cobalt oxide at pH levels below 4.6, and the 
electrochemical potential required to form CoOOH from dissolved Co2+ ions 
increases by 18 mV for every 0.1 drop in pH. Furthermore, chlorine 
produced on the anode may oxidize Co2+ at pH levels above ∼0.6. If parallel 
anodic deposition of CoOOH is unwanted during Cl2 evolution, pH should 
be kept below this value. 
 
The acidity of the standard cobalt chloride electrolyte was varied from pH 
0.9 to pH 2.1 at 60°C, and the results from these experiments are shown in 
Fig. 4.6. In some of the tests, the anode potential recorded during electrolysis 
was not stable, probably due to contact problems, either in the salt bridge to 
the reference electrode, or between the back side of the DSA® disk and the 
copper conductor in the anode holder. However, more stable potentials were 
achieved in additional experiments performed in the pH range from 0.9 to 
1.9, where the anode deposit was redissolved by the chemical route (see 
section 4.2.5.1). Since conditions were identical in the two sets of 
experiments except for the anode disk used, the anode potentials measured in 
the additional tests are presented in Figs. 4.6 a) and 4.7. 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
Figure 4.6 Effects of electrolyte pH on the cobalt electrowinning process.    
a) Anode scaling rate and anode potential, and b) Cathodic 
cobalt current yield. Average anode potentials shown in a) were 
obtained in a separate set of experiments. 
 
In accordance with thermodynamics, the extent of anodic cobalt oxide 
deposition was highly dependent on the electrolyte acidity, CECoOOH 
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increasing from 0.01 % at pH 0.9 to 0.37 % at pH 2.1. At the lowest pH, no 
reduction wave appeared during the first potential scan after electrolysis, 
which indicates that the anode was free from precipitate. The reaction order 
with respect to H+ deviated from the theoretical value of 3 given by the total 
reaction (equation 1.6), decreasing to less than 1 at high pH. This may be 
attributed to a lower local pH on the anode surface than in the bulk solution, 
as a result of increased current efficiency for oxygen evolution and the cobalt 
hydrolysis reaction itself. The reaction order of H+ gives information about 
the reaction mechanism and its rate determining step. Deposit exfoliation 
and the formation of a brown precipitate during cathodic dissolution of 
cobalt oxide formed at pH 1.9 and pH 2.1 could also have been involved. 
 
An additional factor is the lowering of the anode potential at galvanostatic 
electrolysis when pH was increased, from 1.51 V vs. SHE at pH 0.9 to 1.47 
V at pH 1.9 (Fig. 4.6 a)). Such a depolarization may reduce the extent of 
cobalt oxidation and precipitation. Boggio et al. [60] studied the chlorine 
evolution reaction on thermally decomposed cobalt oxide electrodes from 
acidic solutions, and they found that H+ had a retarding effect on Cl2 
evolution. To include this effect of pH, they proposed a reaction mechanism 
for Cl2 evolution on cobalt oxide involving the adsorbed intermediate HClO 
(see section 1.5.2). 
 
The apparent depolarizing effect of higher pH is illustrated in Fig. 4.7, 
showing the first half of potential-charge profiles recorded at six different 
acidity levels. In the pH 0.9 experiment (Fig. 4.7 a)), the anode potential 
increased gradually due to polarization effects, i.e., concentration gradients 
and blocking of pores of the DSA® by gas bubbles produced, reducing the 
available active surface area. The anode potential was not completely 
stabilized within the time frame of this experiment (33.2 minutes). At pH 1.1 
(Fig. 4.7 b)), a maximum in the potential was reached after ∼90 coulombs 
(~6 minutes), followed by depolarization, whose extent was increasing as 
electrolysis proceeded. When the electrolyte pH was raised further, the 
position of the potential peak shifted to lower values of electric charge 
applied, along with a decrease in peak potential (Figs. 4.7 c) – f)). 
 
It is believed that the initial rise in potential was accelerated by the 
precipitation of cobalt oxide on the Ru-rich crystals, covering these active 
sites. The peak potential was probably representing the complete coverage of 
active sites by anode deposit (‘monolayer’), and the subsequent depolariza- 
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Figure 4.7 Anode potential-charge profiles from electrolysis at different pH.  
a) pH 0.9, b) pH 1.1, c) pH 1.3, d) pH 1.5, e) pH 1.6, f) pH 1.9. 
 
 
tion obtained during continued electrolysis may be related to the formation 
of a thicker cobalt oxide film, increasing the surface area for chlorine 
evolution. Stabilization of the anode potential occurred when the film had 
reached a thickness where the diffusion of chloride ions and chlorine gas, in 
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cracks, pores, grain boundaries etc., restricted the effective utilization of the 
entire film. If the electric conductivity of the oxide film is lower than in the 
electrolyte, Ea will eventually start to increase. 
 
The depolarization effect achieved at high pH may also be due to a more 
active modification of cobalt oxide formed at high supersaturation, or 
increased film porosity. It should be noted that the potential was already 
stabilized for the electrode depicted in Fig. 4.5 b), indicating that the change 
in morphology observed as additional charge was applied (Figs. 4.5 c) – f)) 
did not have any significant effect on the anode potential. 
 
At pH 1.9 and above, a precipitate was formed in the bulk solution during 
cobalt electrolysis. The amount of precipitate increased with pH, and its 
colour changed from yellowish brown at pH 1.9 and pH 2.1 to dark brown at 
pH 3. In the test at pH 3, carried out in order to produce enough precipitate 
for further characterization, the pH had dropped to 1.6 after 5000 C of 
electric charge applied. The XRD pattern and a SEM image of this 
chemically formed precipitate are shown in Fig. 4.8, along with the 
diffractogram of industrial anode deposit. By comparing the XRD spectra, it 
becomes evident that the two deposits had almost identical structures. 
Several of the peaks were actually sharper for the bulk precipitate, indicating 
a higher degree of crystallinity, and the relative peak intensities were more 
similar to the database pattern for α-CoOOH (see Fig. 4.1). On the other 
hand, bulk precipitate formed at pH 2.1 was amorphous and could not be 
identified. Examination of the pH 3 precipitate by SEM revealed that it 
consisted of ∼1 µm spherical particles made up of platelet-shaped crystals. 
Hexagonal platelet crystals are typical for CoOOH [105]. Such high surface 
area agglomerates were also observed along the edge of the exposed area of 
DSA® disks. 
 
The formation of cobalt oxyhydroxide in the bulk solution during 
electrolysis can be described by the following equation: 
 
 Co2+ + ½ Cl2 + 2 H2O → CoOOH + 3 H+ + Cl- (4.1) 
 
When pH was increased, dissolved chlorine produced on the anode then 
became a strong enough oxidant for the oxidation of Co2+ to Co3+, and 
CoOOH was formed chemically in the bulk solution as well as 
electrochemically on the anode surface. The fact that a pH of 1.9 was needed 
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Figure 4.8 XRD pattern and SEM image of bulk precipitate. The 
diffractogram of industrial anode deposit is included for 
comparison. 
 
for reaction 4.1 to proceed, considerably higher than pH 0.6 indicated by the 
potential-pH diagram in Fig. 2.1, demonstrates the high supersaturation 
needed for stable cobalt oxide particles to be formed by homogeneous 
nucleation. However, when a large number of nuclei were produced at pH 3, 
the subsequent growth of cobalt oxide resulted in a drop in bulk pH to 1.6. 
Furthermore, at this high supersaturation level, reactor walls, electrode 
holders etc. were covered by precipitate, a situation not observed in other 
experiments. This preferential deposition of cobaltic oxide on solid 
substrates (heterogeneous nucleation), by chemical oxidation and hydrolysis, 
is described in a patent held by Silver and Martin [150]. Another effect of 
increased pH is the possibility of forming HClO by hydrolysis of dissolved 
chlorine (see Fig. 2.1), HClO being a stronger oxidant than Cl2. Finally, it 
should be noted that the chemically formed bulk precipitate was not included 
in the anodic deposition rate of cobalt oxide. 
 
As illustrated in Fig. 4.6 b), the cathodic current efficiency for cobalt showed 
a strong pH dependency, increasing gradually from 87 to 97 % when the pH 
was raised from 0.9 to 2.1. At low pH, hydrogen evolution was the main side 
reaction on the cathode, but as pH was increased, the influence of the 
reduction of dissolved chlorine became increasingly important with respect 
to cobalt current yield. The colour of the cobalt metal became lighter grey 
when pH was increased. Marks from hydrogen bubbles, normally noticeable 
on the lower edge of the metal disk, were more pronounced at high pH, 
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because each bubble stayed on the cathode for a longer time when less gas 
was produced. Also, tiny holes were observed in the thin cobalt disk 
deposited at pH 0.9. However, severe pitting, as reported for pH 2.08 by 
Kongstein [65], was not observed, which may be explained by differences in 
the current density used (800 vs. 230 A/m2) and electric charge applied (500 
vs. 4162 C). Another difference was the absence of chlorine in Kongstein’s 
experiments, since he was using a soluble cobalt metal anode. Dissolved 
chlorine may consume the adhering hydrogen bubbles responsible for the pit 
formation: 
 
 H2 + Cl2 → 2 HCl (4.2) 
 
The presence of NaClO [117] or H2O2 [151] in the electrolyte has been 
found to reduce the extent of pitting during nickel electrolysis. Finally, it 
should be emphasized that the colour of the cobalt metal reported in this 
work was probably modified during the potential scans after electrolysis. 
 
 
4.2.1.3 Effects of cobalt chloride concentration 
 
When the concentration of cobaltous ions in solution is increased, a higher 
rate of anodic cobalt oxide deposition would be expected. However, if cobalt 
exists as cobalt chloride, a change in concentration also affects the chlorine 
evolution reaction. From a thermodynamic point of view, the addition of 
CoCl2 should actually have no effect on the extent of cobalt oxide formation 
on the anode, since the decrease of the reversible potential for this reaction 
and the parallel Cl2 evolution will be identical, when using molar 
concentrations in the Nernst equation (a depolarization of 66 mV at 60°C for 
every tenfold increase in CoCl2 concentration). 
 
The influence of cobalt chloride concentration on the cobalt electrowinning 
process was examined by varying the CoCl2 content between 18 and 181 g/l 
Co (0.3 – 3.1 M). From the results illustrated in Fig. 4.9 a), it is apparent that 
the cobalt oxide deposition reaction was highly dependent on CoCl2 
concentration, contrary to what was predicted above from simple 
thermodynamic calculations. The growth rate of cobalt oxide increased 
linearly with CoCl2 concentration, from 0.04 % at 18 g/l Co to 0.33 % at 110 
g/l Co, where a maximum was reached, as CECoOOH dropped by further 
increase of the CoCl2 content. As expected, the anode potential decreased 
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with increasing CoCl2 concentration up to 110 g/l Co (~4 M Cl-), however, a 
further increase in concentration resulted in a small increase in potential. The 
current efficiency for cobalt metal deposition on the cathode increased 
continuously with CoCl2 concentration, from 85 % at 18 g/l Co to 98 % at 
181 g/l Co (Fig. 4.9 b)). It can be seen that the effect of CoCl2 concentration 
on CECo was larger at low concentrations. 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
Figure 4.9 Effects of cobalt chloride concentration on the cobalt electro-
winning process. a) Anode scaling rate and anode potential, and 
b) Cathodic cobalt current yield. 
 
Increase in cobalt chloride concentration will have a huge impact on many 
solution properties, e.g., ionic activity coefficients, water activity, electrical 
conductivity and viscosity. According to the total reaction of the anodic 
cobalt oxide deposition process (equation 1.6), increased Co2+ activity, 
increased water activity and reduced H+ activity (higher pH) should lead to 
more extensive anode scaling. The rate of chlorine evolution on cobalt oxide 
has been shown to follow a first order dependence on Cl- concentration at 
constant ionic strength [60, 61]. 
 
Even though cobalt chloro complexes are formed when the CoCl2 
concentration is raised (see Fig. 2.19), the concentration of free Co2+ ions 
increases monotonically with increasing concentration, whereas the free Cl- 
ion concentration increases asymptotically toward an upper limiting value. 
Upon heating, it was observed that the strongest cobalt electrolytes changed 
colour from red to purple, which indicates the formation of the blue CoCl42- 
complex (see section 2.3.2). On the other hand, due to the intense 
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colouration of some of the chloride complexes, visual observation may give 
a false impression of the extent of formation [126]. Enhanced stabilization of 
trivalent cobalt by chloride ions versus divalent cobalt will lower the Co2+ → 
Co3+ oxidation potential, but it is assumed that dehydrated cobalt ions 
shielded by chloride are less amenable to hydrolysis than cobalt ions 
surrounded by a sheath of water molecules. 
 
In fact, when the CoCl2 concentration is increased, the influence of 
complexation is counteracted by the strong hydration effects in this system, 
resulting in higher single-ion activity coefficients of Co2+ and Cl- (Fig. 2.11). 
A larger gain in log aCo2+ than log aCl- with increasing concentration, related 
to the different degrees of hydration of the two types of ions, may explain 
the increasing rate of cobalt oxide deposition measured up to 110 g/l Co. As 
shown in Fig. 4.10, this difference in activity change results in a larger drop 
in the reversible potential for the anode scaling reaction compared to 
chlorine evolution, i.e., the change in overpotential will be less for the latter 
reaction when the CoCl2 concentration is increased. The calculations indicate 
that the reversible potentials for CoOOH deposition and Cl2 evolution drop 
by 133 and 78 mV respectively, when going from 18 to 181 g/l Co (as 
CoCl2, pH 1.6, 60°C). 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
Figure 4.10 Calculated reversible potentials for chlorine evolution and for 
anodic deposition of CoOOH vs. CoCl2 concentration (pH 1.6, 
60°C). 
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Thermodynamic data for CoOOH given by Benson et al. [7], ∆G°f = -372 
kJ/mole and ∆H°f = -454 kJ/mole at 25°C, were used to derive Fig. 4.10. 
Standard reduction potentials were estimated at 60°C, assuming no change in 
the enthalpy and entropy values from 25°C. This is an acceptable assumption 
for reactions having an absolute value of the enthalpy of reaction larger than 
40 kJ/mole [61], justified for both reactions. The activity coefficients of Co2+ 
and Cl- at 60°C, presented in Fig. 2.11, were used in the calculations. When 
using the data of which the Pourbaix diagram in Fig. 2.1 was based, the 
results indicated a more stable cobalt oxide than experienced from potential 
sweeps (the potential where the current became cathodic, see Fig. 4.4), 
which suggests that a less stable phase was formed in the present work. 
There may also be differences between the Gibbs energy of bulk oxides and 
that of thin oxide films [54, 152]. 
 
The activity of water is usually assumed to be unity in thermodynamic 
calculations. This is, however, not the case in concentrated chloride brines, 
as outlined in section 2.2.5. Fig. 2.7 shows that aw is dropping to less than 
0.7 in concentrated CoCl2 solutions, shifting the reversible potential for 
CoOOH formation in the anodic direction. The effect of reduced aw, which 
could explain the downward trend in anode scaling rate for CoCl2 
concentrations above 120 g/l Co, was included in Fig. 4.10, using the 
estimated aw values presented in Fig. 2.7. Despite the drop in aw, the 
reversible potential for CoOOH deposition decreases steadily with increasing 
concentration, due to the larger effect of the increasing Co2+ activity. It 
should be noted that the effect of water activity will be intensified if the 
more hydrous and metastable Co(OH)3 species is the initial precipitation 
product, but it is still not large enough to support the results in Fig. 4.9 a). 
 
During electrolysis from cobalt chloride solutions, the local pH on the anode 
surface will be lower than in the bulk solution, due to acid generation from 
oxygen evolution and CoOOH precipitation. In concentrated solutions, the 
activity coefficient of the hydrogen ion is much larger than in dilute 
solutions (see section 2.2.7), which means that if the anodic acid production 
remains unaltered, the anode surface pH will decrease when the CoCl2 
concentration is increased. Rough calculations, based on the adjustment of 
pH performed in each experiment prior to electrolysis, indicate γH+ values at 
60°C of ∼1 and ∼16 at 18 and 181 g/l Co respectively, i.e., the anodic H+ 
formation at 18 g/l Co must be 16 times higher to give the same surface pH 
as 181 g/l Co. The rate of oxygen release will surely decline at higher CoCl2 
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concentrations, but probably not to such an extent that the effect of increased 
γH+ is completely offset. In addition, the higher viscosity of concentrated 
solutions will retard the transport of H+ away from the anode. Thus, the 
decreased amount of anodically formed cobalt oxide measured above 120 g/l 
Co may be explained by a lower pH on the anode surface. 
 
A systematic error in the measurement of pH in bulk solution, increasing in 
magnitude as the ionic strength is raised, will affect the measured rate of 
cobalt oxide deposition. However, all pH adjustments were performed at the 
electrolysis temperature. Furthermore, as seen in Fig. 2.15, the effect of 
increasing CoCl2 concentration on the liquid junction potential should in fact 
result in a continuous rise of the true pH versus the measured pH, which 
suggests that the observed drop in CECoOOH was not linked to errors in pH 
induced by EJ. 
 
Specific adsorption of Cl- ions is another effect that may retard the 
electrodeposition of CoOOH at high CoCl2 concentrations. A high coverage 
of Cl on the anode surface may restrict the number of active sites for Co2+ 
oxidation, it may complex with Co2+ ions to a higher degree than in the bulk 
solution and there will be less adsorbed OH species present, which can react 
with cobalt ions to form CoOOH (see section 1.5.5). 
 
The increase of the anode potential for the most concentrated electrolytes is 
not completely understood. If the chlorine evolution on cobalt oxide is 
restricted by a fall in pH, as indicated by the trend in anode potential versus 
pH shown in Figs. 4.6 and 4.7, a low pH on the anode surface, related to a 
high γH+ combined with hindered H+ transport as discussed above, may have 
been involved. Furthermore, when the CoCl2 concentration was increased, 
the difference in potential between the peak in potential usually observed in 
the first phase of electrolysis and the final stabilized potential was observed 
to shift from positive to negative, see Fig. 4.11. This may be related to a 
higher degree of blocking of pores etc. in the cobalt oxide deposit by gas 
bubbles when the electrolyte became more viscous, reducing the available 
electrode surface area. It can also be seen from Fig. 4.11 that the initial 
potential peak appeared earlier for the highest cobalt concentration. Similar 
to the experiments where the pH was varied, the amount of electric charge 
applied when this potential peak was reached was found to be a good 
indicator for the rate of anode scaling. The discussion continues in the next 
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section, where the present results are compared to those obtained when 
sodium chloride was added to standard cobalt chloride electrolyte. 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
Figure 4.11 Anode potential vs. charge applied during electrolysis from the 
lowest and the highest CoCl2 concentration tested (18 and 181 
g/l Co). 
 
The gradually improving cathodic current efficiency for cobalt with 
increasing CoCl2 concentration, as shown in Fig. 4.9 b), indicates increasing 
Co2+ activity. It also suggests that the falling trend in CECoOOH obtained at 
high concentrations was probably not caused by a too low pH in the bulk 
solution, although a portion of the CECo gain is ascribed to reduced solubility 
of chlorine in concentrated aqueous metal chloride solutions [125]. Slower 
transport of H+ in concentrated solutions will also improve CECo. The visual 
appearance of the deposited cobalt metal changed from dark to light grey 
when going from low concentration and up to 120 g/l Co. By further increase 
in concentration, it became somewhat darker again. At 181 g/l Co, the 
surface was covered by evenly distributed tiny pits, of which some had 
caused small holes in the metal. 
 
 
4.2.1.4 Effects of sodium chloride addition 
 
Anode depolarization is one possible way of suppressing the anodic cobalt 
oxidation and hydrolysis in cobalt electrowinning. By adding sodium 
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chloride to the cobalt chloride electrolyte, more free chloride ions will be 
available for chlorine evolution, and the anode potential will be lowered. If, 
at the same time, the cobalt concentration is kept constant and ideal 
calculations are used, the reversible potential for the anode scaling reaction 
remains unchanged. From the resulting reduced overpotential for this 
reaction, less cobalt oxide deposition on the anode would be expected. 
 
Electrolysis experiments were conducted in standard cobalt chloride 
electrolyte, to which NaCl was added successively. Contrary to what could 
be expected from the ideal calculations mentioned above, additions of NaCl 
up to 69 g/l extra Cl- (~4 M total Cl-) caused a small increase in CECoOOH 
from 0.16 to 0.19 % (Fig. 4.12 a)), even though the anode potential dropped 
20 mV. A further increase in the NaCl content resulted in a decrease in the 
rate of cobalt oxide deposition, to 0.14 % at 111 g/l extra Cl-. As opposed to 
when the CoCl2 concentration was varied, the lowest anode potential was 
recorded in the most concentrated solution. The cobalt concentration 
decreased gradually from 55 to 48 g/l due to liquid expansion, caused by the 
dissolved NaCl. Nevertheless, as seen in Fig. 4.12 b), CECo improved from 
95 to 98 % when 111 g/l extra Cl- was added. 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
Figure 4.12 Effects of NaCl addition to standard cobalt chloride electrolyte. 
a) Anode scaling rate and anode potential, and b) Cathodic 
cobalt current yield. 
 
The trends observed when adding NaCl can be attributed to the influence of 
the activity coefficients, parallel to the effect of varying the CoCl2 
concentration, as described in the previous section. According to Fig. 2.12 
0
0.1
0.2
0.3
0.4
0 25 50 75 100
NaCl added (g/l Cl)
CE
Co
O
O
H
 
(%
)
1.3
1.4
1.5
1.6
1.7
E
av
g 
(V
SH
E
)
CE
E
a)
80
85
90
95
100
0 25 50 75 100
NaCl added (g/l Cl)
CE
Co
 
(%
)
b)
 110 Chapter 4.   Results and discussion 
a), addition of NaCl to the CoCl2 electrolyte has a remarkable effect on the 
activity of Co2+. As an example, mixing in NaCl equivalent to 3 M in a 1 M 
CoCl2 solution at 60°C will have the same effect on aCo2+ as if the pure 
CoCl2 concentration had been doubled. Cobalt chloride complexes are 
formed when NaCl is added (see Fig. 2.20), but they are too weak to have a 
marked effect on aCo2+, although the colour of the solution turned purple with 
increasing NaCl content. 
 
Reversible potentials for chlorine evolution and for the anodic deposition of 
CoOOH were calculated for each of the CoCl2-NaCl mixtures tested. Single-
ion activities and water activities were estimated using the procedure 
outlined in chapter 2 and section 4.2.1.3. The results presented in Fig. 4.13 
indicate that Erev for CoOOH was lowered to a greater extent than Erev for 
Cl2 when NaCl was added, 46 and 25 mV respectively (111 g/l extra Cl-). 
This may explain the initial rise in CECoOOH with increasing NaCl 
concentration (see Fig. 4.12 a)), in the same way as for the pure aqueous 
CoCl2 system (Fig. 4.9 a)). 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
Figure 4.13 Calculated reversible potentials for chlorine evolution and for 
anodic deposition of CoOOH vs. NaCl added to standard CoCl2 
electrolyte at pH 1.6 and 60°C. 
 
To support the discussion, the results obtained when adding NaCl to the 
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Figure 4.14 Comparison between the variation of CoCl2 concentration (red 
curves) and the addition of NaCl to standard CoCl2 electrolyte 
(blue curves), vs. calculated cobalt ion activity. a) Anode 
scaling rate (full symbols) and anode potential (open symbols 
and dotted lines), b) cathodic cobalt current yield, c) calculated 
chloride activity (full symbols) and water activity (open symbols 
and dotted lines), d) activity coefficient of the hydrogen ion 
from pH adjustment of electrolytes. 
 
is shown along the abscissa in all four diagrams. Fig. 4.14 b) shows that, at a 
certain aCo2+, CECo was almost identical in the two series of experiments, 
which should be expected, since other important parameters were the same. 
This indicates that the method used to estimate single-ion activity 
coefficients gives reasonable results, although the calculated data for the 
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CoCl2-NaCl system deviated somewhat from the experimental data reported 
by Downes [126] (see Fig. 2.5). Furthermore, the calculated chloride ion 
activity (Fig. 4.14 c)) and the activity coefficient of H+ estimated from the 
adjustment of pH carried out for each electrolyte (Fig. 4.14 d)) showed the 
same dependency on aCo2+. A higher aCl-/aCo2+ ratio was expected when NaCl 
was added; however, the effect of increased chloride concentration was just 
offset by the lower γCl- in NaCl solutions. 
 
The rate of anode scaling reached a maximum for approximately the same 
aCo2+ in the two series (Fig. 4.14 a)). The decreased rates observed at higher 
activities are assumed to be associated with Cl adsorption and a lower local 
pH on the anode surface, related to the higher γH+ values and inhibited H+ 
transport in concentrated solutions (Fig. 4.14 d)). A reduced active surface 
area, from e.g., Cl adsorption or slower diffusion, means a higher local 
current density, which has been shown to reduce CECoOOH (see section 
4.2.1.7). 
 
No maximum in CECoOOH was obtained in a similar series with NaCl 
addition, where the pH was adjusted at room temperature (pH 1.5). From the 
different change in pH with temperature (see Fig. 2.16 b)), the bulk acidity 
of the most concentrated solution was, therefore, ~0.1 pH units higher at 
60°C than in the pure CoCl2 solution with no added NaCl, giving more 
anode scaling. This is a good example of the significance of pH with respect 
to anodic cobalt oxide deposition. In addition, in this series, a small amount 
of a very fine brown precipitate was separated from the electrolyte when it 
was filtered immediately after the last experiment was accomplished. The 
higher aCo2+ when NaCl is added, will favour the precipitation of CoOOH in 
the bulk solution, and the local pH will be approximately the same as in the 
bulk, since no oxygen is formed here. 
 
The higher anode potentials at high aCo2+ may explain the more extensive 
cobalt oxide deposition observed in pure CoCl2 solutions compared to 
CoCl2-NaCl mixtures. The somewhat higher water activity would also 
favour anode scale formation to some extent (Fig. 4.14 c)). Furthermore, 
from Fig. 2.15 it is apparent that when NaCl is added to the CoCl2 
electrolyte, there is almost no increase in the true pH versus the measured 
pH. On the other hand, when the concentration of CoCl2 is raised, the effect 
of the liquid junction potential of the pH electrode becomes more evident, 
increasing the pH error. A higher true pH in the bulk solution may have 
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contributed to the increased rate of anode scaling at intermediate CoCl2 
concentrations. However, it should be pointed out that the calculations of pH 
errors are based on ideal solutions, so that the results obtained are only rough 
estimates. 
 
The reason for the difference in anode potential between the two series is not 
known. A similar trend in the potential difference between the initial peak 
and the stabilized potential, as described previously for pure CoCl2 solutions 
of increasing concentration (see Fig. 4.11), was also observed when NaCl 
was added. This fact indicates that the electrode area available for chlorine 
evolution was reduced in concentrated electrolytes, as mentioned earlier. 
 
If the electrode area and the electrochemical activity of cobalt oxide are 
unaffected, identical aCl- should give the same rate of Cl2 evolution, although 
the lower water activity in CoCl2-NaCl mixtures may shift the O2/Cl2 ratio to 
less O2 evolution. Less O2 means less H+ produced, which according to 
Boggio et al. [60] is beneficial for Cl2 evolution on cobalt oxide. 
 
Since all solutions of varying CoCl2 content were prepared from industrial 
cobalt electrolyte, either by dilution with water or by boiling off water, the 
concentration of other ions present changed accordingly. Hence, the specific 
adsorption of sulphate ions, organic material etc., covering active sites on the 
cobalt oxide surface, may have induced the higher potentials observed in 
concentrated CoCl2 solutions (for influence of SO42-, see the next section). 
The SO42- concentration was, however, low (< 1 g/l at 181 g/l Co). 
 
The surface of the electrodeposited cobalt metal became lighter grey at 
higher NaCl concentrations, and the darker edge that was usually present 
was hardly visible. This darker edge is believed to be due to higher local 
current density, and the fact that it became less pronounced can be explained 
by a more even current distribution, induced by increased aCo2+ and 
improved electrical conductivity of the electrolyte in the presence of NaCl 
[65]. A few pits, but no holes, could be seen on the surface of the metal 
plated from the solution that contained the highest concentration of NaCl, in 
the series where the pH was adjusted at ambient temperature (higher bulk pH 
at 60°C). 
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4.2.1.5 Effects of chloride/sulphate ratio 
 
Based on ideal thermodynamic calculations, the type of anion in solution, 
chloride or sulphate, should have no effect on the anode process in cobalt 
electrowinning, since oxygen evolution is the preferred reaction in both 
cases. However, when chloride is present, chlorine evolution predominates 
because the generation of O2 is less reversible. Thus, an increase in anode 
potential is expected during galvanostatic electrolysis when the chloride 
concentration is lowered and Cl2 evolution becomes diffusion controlled. 
The higher anode potentials in sulphate electrolytes should increase the rate 
of cobalt oxide electrodeposition, but O2 evolution will result in a lower pH 
on the anode surface, suppressing anode scaling. 
 
Electrolysis was performed in electrolytes with chloride/sulphate ratios in 
the range from the standard cobalt chloride electrolyte containing only traces 
of sulphate (0.24 g/l) to a cobalt sulphate electrolyte containing only traces 
of chloride (0.18 g/l). The cobalt content was kept constant at 55 g/l (it 
varied from 54.7 to 55.3 g/l Co in the various electrolytes tested). The results 
in Fig. 4.15 a) show that when a portion of the chloride content was replaced 
by sulphate, the amount of anodically formed cobalt oxide decreased. How- 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
Figure 4.15 Effects of chloride/sulphate ratio in the electrolyte at constant 
cobalt content. a) Anode scaling rate (full symbols) and anode 
potential (open symbols and dotted line). b) Cathodic cobalt 
current yield. Red and blue colours represent the two anode 
disks tested (both with regular coating). 
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ever, in sulphate-rich electrolytes, anode scaling accelerated. The anode 
potential increased gradually with increasing sulphate concentration, though 
more pronounced at low and high chloride/sulphate ratios. Ea in CoSO4 
solution was approximately 200 mV higher than in the standard CoCl2 
electrolyte. As shown in Fig. 4.15 b), CECo dropped continuously with 
increasing sulphate content, from 95 to 84 % when going from CoCl2 to 
CoSO4 solution. 
 
In view of the strong rise in anode potential when sulphate ions were 
introduced into CoCl2 electrolyte, the suppressed rate of cobalt oxide 
precipitation at intermediate Cl-/SO42- ratios was quite surprising. At these 
sulphate levels, a positive step in Ea of ∼40 mV appeared shortly after the 
initial potential peak, see Fig. 4.16. The peak and the step in potential were 
shifted to shorter electrolysis times with increasing sulphate content, and in 
sulphate-rich electrolytes both became less distinct. This indicates that the 
covering of DSA® active sites by cobalt oxide became gradually faster when 
chloride ions were replaced by sulphate, i.e., no inhibiting effect of sulphate 
was observed for the initial nucleation and growth of cobalt oxide. On the 
other hand, it is believed that the following step in potential was caused by 
SO42- ions specifically adsorbed on the cobalt oxide, blocking active sites for 
Cl2 evolution and CoOOH precipitation. As shown in Table 4.1, SO42- was 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
Figure 4.16 Anode potential vs. charge applied during the first part of 
electrowinning, for the various Cl-/SO42- ratios tested. 
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indeed accumulated in the washed industrial anode deposit, generated from a 
solution with only traces of sulphate, which indicates that sulphate may play 
an important role in the anode scaling process. Ishikawa et al. [154] have 
reported that adsorbed SO42- ions impede the precipitation of β-FeOOH from 
FeCl2 solutions, resulting in lower growth rate and less crystalline material. 
The retarding effect of sulphate on the Cl2 evolution reaction on metal oxide 
electrodes is also well documented [44]. A reduced electrode surface area, 
due to the incorporation of sulphate, adhering gas bubbles or a more compact 
deposit, will also give a higher local current density, which may favour the 
‘facile’ Cl2 evolution versus cobalt oxide deposition (see section 4.2.1.7). 
 
In addition to sulphate sorption, other factors may also have been involved in 
the suppression of CECoOOH in mixed CoCl2-CoSO4 solutions. A higher 
degree of oxygen evolution and a more viscous electrolyte will lead to lower 
pH on the anode surface, however, the buffering effect of sulphate when 
forming bisulphate will reduce this effect (equation 2.24). As a consequence, 
the measured activity coefficient of H+ at 60°C (including the effect of the 
SO42-/HSO4- equilibrium) dropped from 1.7 in the standard CoCl2 electrolyte 
to 0.3 at a Cl-/SO42- molar ratio of 0.5. 
 
According to Ji [117], the error in the measured pH, induced by the liquid 
junction potential, is somewhat lower in sulphate than in chloride media, but 
the difference is so small that the true pH of the bulk solution is assumed to 
have been approximately the same in the various electrolytes. 
 
Owing to extensive ion-pairing, the activity of cobalt in sulphate solutions is 
very low compared to in chloride solutions (see Fig. 2.2). Mean activities in 
aqueous mixtures of CoCl2 and CoSO4 were calculated using the procedure 
described in chapter 2, and the results are displayed in Fig. 4.17. Single-ion 
activities could not be estimated because sulphate ions are highly hydrated (h 
~10 [155]). From the figure it is evident that the cobalt activity decreases 
continuously when going from CoCl2 to CoSO4 solution at constant cobalt 
concentration, which explains the downward trend in CECo shown in Fig. 
4.15 b). Such a decrease in Co2+ activity tends to reduce the amount of 
anodically formed CoOOH. The possible formation of complexes between 
Co3+ and SO42-, which may stabilize oxidized Co3+ in solution, could have 
been contributing as well. Fig. 4.17 also shows that the cobalt activity 
increases with temperature in these mixtures, especially in sulphate-rich 
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solutions. The water activity is assumed to be too high to have any 
noticeable effect on the anode scaling reaction in these experiments. 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
Figure 4.17 Calculated mean activity vs. Cl-/SO42- ratio for CoCl2 (red 
curves), CoSO4 (blue curves) and water activity (black curves). 
Temperature 25°C (unbroken curves), 60°C (dashed curves) 
and 100°C (dotted curves). Constant Co content at 55 g/l. 
 
Two anode disks, both with the regular coating, were tested in this series, 
and the results are presented in Fig. 4.15 by red and blue symbols 
respectively. The first anode tested (‘red’) operated at a somewhat higher 
potential, and more cobalt oxide was formed. This indicates that there may 
be differences between individual anodes, even though they were produced 
simultaneously by the same procedure, as pointed out by Nylén and Cornell 
[156]. It should be noted that the characteristic step in potential appeared for 
both anodes at intermediate Cl-/SO42- ratios (the E vs. QEW profiles in Fig. 
4.16 were recorded using the ‘blue’ anode, except for the CoSO4 solution 
with molar ratio 1). 
 
In sulphate-rich solutions, the Cl2 evolution reaction was probably diffusion 
controlled, bringing about the additional increase in anode potential seen to 
the right in Fig. 4.15 a). The accelerated rate of anode scaling suggests that 
this increase in Ea was predominant compared to sulphate adsorption, 
reduced cobalt activity and a lower pH on the anode surface, which all tend 
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to lower the extent of scaling. The results obtained in the CoSO4 solution 
containing only traces of chloride also indicate that a high surface 
concentration of intermediates in the Cl2 evolution reaction, such as HClO or 
Cl radicals, was not a prerequisite for the formation of CoOOH at the 
prevailing conditions. However, oxygen is always formed, and cobalt ions 
may react preferentially with the O2 reaction intermediates adsorbed on the 
anode surface (see section 1.5.5). This type of mechanism has been 
suggested for the electrodeposition of PbO2 on platinum and gold from 
aqueous Pb2+ solutions [157]. 
 
Cobalt oxide electrodeposited from the electrolyte that contained almost no 
chloride was observed to dissolve more slowly during the cathodic potential 
sweep performed in standard electrolyte. After the sweeps, particles were 
partly covering the anode surface, which was typical when thick cobalt oxide 
films were dissolved electrochemically (see sections 4.2.4.2 and 4.2.5.2). In 
other experiments it was found that these particles did not have any retarding 
effect on the dissolution process. The higher stability of cobalt oxide 
deposited from sulphate solution may, therefore, be related to a different 
structure (e.g., higher levels of SO42- ions), different crystallinity or a less 
porous morphology. The structure of FeOOH precipitated chemically from 
aqueous solution at ambient pressure and 80 – 90°C has been shown to 
depend on the nature of the anion, since the use of sulphate and chloride 
solutions resulted in the formation of α-FeOOH and β-FeOOH respectively 
[158]. 
 
The darkest cobalt metal was produced from the electrolyte having equal 
molar concentrations of CoCl2 and CoSO4. The sulphate-rich electrolytes 
(molar ratios ≥ 0.8) gave a light grey and very uniform appearance, the latter 
as a result of extensive hydrogen evolution. Furthermore, in these solutions 
the metal disks were partly detached from the titanium electrode, indicating 
internal stresses in the deposit. Cobalt metal plated from a pure CoSO4 
electrolyte by Kongstein [65] was actually bent, but the electrolysis 
conditions were not identical. As mentioned earlier, the poor CECo in 
sulphate solution was mainly caused by the low cobalt activity. Absence of 
dissolved chlorine must have been another contributing factor improving 
current efficiency (dissolved O2 will also be reduced on the cathode during 
cobalt electrowinning, but its solubility is much lower than that of Cl2). The 
buffering effect of sulphate ions will also lower the surface pH on the 
cathode, which will favour H2 evolution [65]. Finally, it has been claimed 
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that chloride ions promote the electrolytic deposition of metals due to a 
catalytic effect on electron transfer [117]. 
 
 
4.2.1.6 Effects of temperature 
 
Anodic evolution of chlorine gas and anodic deposition of CoOOH are both 
endothermic reactions, which means that the reactions are promoted at 
elevated temperatures. Another factor of great importance, reaction kinetics, 
is also enhanced by an increase in temperature. Since Cl2 evolution is known 
to be a quite rapid reaction, as opposed to the sluggish reactions involving 
oxidized cobalt, it was expected that higher temperatures would lead to more 
extensive anode scaling. 
 
The temperature of the standard CoCl2 electrolyte was varied between 30 
and 80°C. The pH of the electrolyte was adjusted to 1.6 at the prevailing 
temperature before galvanostatic electrolysis was started. Fig. 4.18 a) shows 
that CECoOOH increased by one order of magnitude, from 0.03 to 0.30 %, 
when the temperature was raised from 30 to 80°C. The exponential increase 
in the rate of anode scaling took place despite a decay in the average anode 
potential from 1.57 V at 30°C to 1.46 V at 80°C. As shown in Fig. 4.18 b), a 
maximum in CECo of 95 % was achieved at 60°C, somewhat higher than the 
results obtained at 30 and 80°C, being 93 and 94 % respectively. 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
Figure 4.18 Effects of temperature on the cobalt electrowinning process.      
a) Anode scaling rate and anode potential, and b) Cathodic 
cobalt current yield. 
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According to the estimates outlined in chapter 2, there is only a small 
decrease in the activity of Co2+ and Cl- with increasing temperature, in a 
CoCl2 electrolyte containing 55 g/l Co (Fig. 2.11). Consequently, the 
increase in water activity at this concentration is almost non-existent (Fig. 
2.7). The accelerated rates of cobalt oxide deposition obtained at high 
temperatures were, therefore, not a result of changes in ionic activities. In 
addition, Fig. 2.19 illustrates the higher degree of cobalt chloro 
complexation at elevated temperatures – it was actually observed that the 
colour of the electrolyte turned purple upon heating. The fact that the amount 
of cobalt scale increased with temperature demonstrates that the decrease in 
the concentration of free Co2+ ions, due to complexation, was of minor 
importance. 
 
Reversible potentials for Cl2 evolution and CoOOH deposition at the various 
temperatures tested, calculated using the same procedure as described in 
section 4.2.1.3, are displayed in Fig. 4.19. It can be seen that the drop in Erev 
with temperature was similar for the two reactions; 64 and 72 mV 
respectively, when going from 30 to 80°C. This means that Cl2 evolution 
was thermodynamically favoured at all temperatures. When the temperature 
was increased from 30 to 40°C, the overpotential for Cl2 evolution (Eavg – 
Erev) was lowered by 40 mV. However, a further rise in temperature had no 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
Figure 4.19 Calculated reversible potentials for chlorine evolution and 
anodic deposition of CoOOH vs. temperature in standard CoCl2 
electrolyte of pH 1.6. 
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noticeable effect on the measured overpotential. 
 
When the reaction rate shows a strong temperature dependence, as seen for 
the deposition of cobalt oxide, the reaction is probably activation controlled. 
Pauporté et al. [58] prepared CoOOH films on nickel substrates by 
electrodeposition from aqueous Co(OH)2 slurries (see section 1.5.1). They 
also observed accelerated rates of cobalt oxide deposition at elevated 
temperatures, and it was proposed that this was caused by a more crystalline 
oxide layer, as identified by XRD analysis. High temperature has been 
reported to be beneficial for Cl2 selectivity versus O2 [44], which in 
combination with a reduced activity coefficient of H+ and higher transport of 
generated acid, may have favoured anode scaling, through higher local pH 
on the anode surface. 
 
Anode potentials recorded during electrolysis at the different temperatures 
are depicted in Fig. 4.20. It is apparent that in this series of experiments, the 
second potential peak was more clearly defined compared to when the 
electrolyte pH was varied, see Fig. 4.7. The rise in potential after the first 
peak may be related to a decreasing participation of the DSA® in producing 
Cl2, as the cobalt oxide film was growing thicker. The reason for the 
different potential behaviour for different series is not known. However, 
small variations between the anode disks could be a plausible explanation. 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
Figure 4.20 Anode potential vs. charge applied during electrowinning at 
different temperatures. 
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For most of the experiments carried out in this work, a rapid stabilization of 
the anode potential was associated with a high rate of anode scaling. 
 
The cobalt electrodeposited at 30 and 40°C was severely warped and had 
partly detached from the titanium cathode, due to tensile stresses in the 
metal. Increased temperature resulted in a change in appearance from dark to 
light grey, and at 70 and 80°C it became harder to strip the cobalt from the 
titanium. The falling trend in CECo for temperatures above 60°C, see Fig. 
4.18 b), was probably related to lower Co2+ activity and enhanced transport 
of H+ ions and dissolved Cl2 towards the cathode, although the concentration 
of the latter is reduced with increasing temperature [125]. Higher transport 
rates of H+ will increase the limiting current of hydrogen evolution, which is 
partly diffusion controlled (see section 4.2.1.8). When using a stationary 
cathode and a cobalt anode (i.e. no Cl2 release), Kongstein [65] measured a 1 
% decrease in CECo from 60 to 80°C, despite the fact that pH was adjusted at 
room temperature. 
 
 
4.2.1.7 Effects of current density 
 
To compare the electrochemical kinetics of anodic cobalt oxide deposition 
versus chlorine evolution, current densities in the range 10 – 3170 A/m2 
were tested (based on geometric electrode areas, which were identical for the 
anode and the cathode). 500 coulombs of electric charge were applied in 
each experiment, giving electrolysis durations varying from 8.4 minutes to 
more than 44 hours. The remaining parameters were kept at the standard 
conditions given in Table 4.2. 
 
The influence of current density on CECoOOH, Eavg and CECo is illustrated in 
Fig. 4.21. From Fig. 4.21 a) it can be seen that CECoOOH was very low at 10 
and 11 A/m2. An increase in current density to 18 A/m2 resulted in a step in 
CECoOOH to 0.21 %. CECoOOH remained constant at this level up to 100 A/m2, 
from where it started to decrease on further increase in current density. At 
3170 A/m2, CECoOOH was reduced to 0.05 %. The anode potential became 
more fluctuating and increased continuously with increasing current density, 
from 1.35 V (vs. SHE) at 10 A/m2 to 1.53 V at 3170 A/m2. Fig. 4.21 b) 
shows that CECo was improved from 32 to 95 % when the current density 
was increased from 10 to 1000 A/m2, whereas at 3170 A/m2 it dropped to 80 
%. 
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Figure 4.21 Effects of current density on the cobalt electrowinning process.  
a) Anode scaling rate and anode potential, and b) Cathodic 
cobalt current yield. 
 
In a standard CoCl2 electrolyte at pH 1.6 and 60°C, the estimated reversible 
potential for CoOOH deposition, using thermodynamic data given by 
Benson et al. [7], was a few millivolts higher than the value for Cl2 
evolution. This indicates that it may be possible to produce Cl2 from this 
electrolyte without any parallel anode scaling, at very low overpotentials. 
The recorded anode potential at the lowest current density tested was, 
however, 30 mV higher than Erev for CoOOH. The low CECoOOH obtained 
may, therefore, be related to the need for a certain overpotential for CoOOH 
to nucleate on the foreign DSA® substrate. Using cyclic voltammetry, Sasaki 
et al. [159] demonstrated a nucleation overpotential of at least 200 mV for 
CoOOH deposition on platinum, from a 0.02 M cobalt acetate solution at pH 
6 and 50°C. 
 
It was observed that more electric charge had to be applied to stabilize the 
anode potential at low current densities, see Fig. 4.22. At 10 A/m2, Ea 
increased gradually with time and no peak could be seen, i.e., steady state 
conditions were not established even after almost two days of electrolysis. 
The subsequent potential scan did not show any clear reduction wave, which 
indicates that the anode was still almost free from cobalt precipitate. On the 
other hand, at 11 A/m2 a peak in Ea appeared after 460 C, and a reduction 
peak was easily identified by potential sweep. In a preliminary experiment at 
10 A/m2 using another anode disk, the peak appeared already after ~150 C of 
electrolysis, and appreciable amounts of scale were then produced. 
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Figure 4.22 Anode potential vs. charge applied during electrowinning at 
different current densities. The positions of the first potential 
peaks are marked by arrows. 
 
As pointed out earlier, the initial rise in anode potential was probably 
generated as chloride concentration gradients and gas bubbles were 
developing in cracks and pores of the DSA® coating. When a certain 
potential was reached, stable cobalt oxide nuclei were formed on the anode 
surface, and the subsequent growth of a CoOOH film increased the active 
electrode area for Cl2 evolution, causing depolarization. It may, however, be 
possible that the amount of scale varied when the potential peak was 
reached, depending on the growth mode of cobalt oxide (2- vs. 3-
dimensional) and the degree of precipitation in pores of the DSA®. 
Nevertheless, if the time from the start of electrolysis to the first potential 
peak included only the induction period and the formation of a monolayer of 
CoOOH, the rate of anode scaling should not be regarded as constant with 
time at low current densities. A recalculation of CECoOOH, assuming that 
cobalt oxide was produced only after the potential peak was passed, gave an 
almost linear decline in CECoOOH against the logarithm of current density. It 
should be mentioned that when CoOOH was deposited from a 0.01 M cobalt 
acetate solution (pH 6, room temperature) at 0.95 V vs. Ag/AgCl, 
Matsumoto et al. [75] obtained a much lower current efficiency during the 
initial electrolysis. CECoOOH increased from 20 % at 0.001 C of electric 
charge to about 60 % for 0.007 C and above. 
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Based on the CECoOOH data given in Fig. 4.21 a), the average partial current 
density of CoOOH deposition, iCoOOH, was estimated. From the results 
illustrated in Fig. 4.23 it is apparent that the anode scaling reaction was 
activation controlled up to at least 1000 A/m2 of total current density. 
However, a further increase to 3170 A/m2 resulted in only a small increase in 
iCoOOH, which indicates a change in the reaction scheme. When the current 
density is increased, more O2 evolution will be produced within a certain 
time period, decreasing the local pH on the anode surface. Moreover, if the 
limiting current density of Cl2 evolution was exceeded at the highest current 
density, even more acid may have been produced, suppressing anode scaling. 
In addition, the vigorous gas release may have caused more of the anode 
deposit to peel off during electrolysis. On the other hand, from occasional 
filtration of the electrolyte after electrolysis, more black flakes were in fact 
identified in bulk solution at low current densities, but this may also be due 
to a less soluble precipitate. 
 
The falling trend in CECoOOH with increasing current density demonstrates 
that the rate of anode scaling increased less than the rate of Cl2 evolution. 
Since both reactions were activation controlled, this indicates that the Tafel 
slope for CoOOH deposition was higher than for the generation of Cl2. As a 
consequence of the method used for IR compensation (at zero faradaic 
current, see section 3.1.4), the blocking effect of gas bubbles was not taken 
into account, resulting in too high potentials at high current densities. 
Therefore, to get a rough estimate of the Tafel slope for CoOOH deposition, 
bCoOOH, the anode potentials were adjusted so that bCl2 became 45 mV/dec, 
based on literature data for Cl2 evolution on cobalt oxides (40 mV/dec at 
25°C, see section 1.5.2). From the Tafel plot in Fig. 4.24 it can be seen that 
the measured potentials followed this Tafel slope up to 100 A/m2. The 
adjusted Ea values were then used to construct the Tafel plot for the anode 
scaling reaction. In order to reduce the disturbing effect of long induction 
periods at low current densities, adjusted values were used for iCoOOH, 
assuming that the anodic cobalt oxide deposition was not initiated until the 
first potential peak was reached. 
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Figure 4.23 Partial current density of CoOOH deposition vs. total current 
density. 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
Figure 4.24 Tafel plots of CoOOH deposition (full symbols) and Cl2 
evolution (open symbols). 
 
As shown in Fig. 4.24, a linear relationship was obtained for the electro-
deposition of CoOOH in the range 18 – 1000 A/m2 of total current density, 
giving a Tafel slope of 64 mV/dec. In addition to the uncertainties in the 
estimated anode potentials, it should be noted that the true electrode area was 
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probably not constant, due to variations in e.g., film thickness, porosity and 
morphology. It is also believed that the local pH on the anode surface was a 
function of current density. 
 
Chen and Noufi [56] prepared Co(III) oxide films potentiostatically onto a 
graphite rotating disk electrode from a 0.05 M cobalt acetate / 0.5 M sodium 
acetate solution at room temperature. They also obtained a decrease in 
current efficiency for the cobalt deposition, from 93 % at 0.8 VSCE to 63 % at 
1.1 VSCE, explained by a higher degree of O2 evolution at the higher 
potentials. To minimize the extent of anodic growth of CoOOH versus the 
rate of Cl2 production, operating at high current density seems to be 
beneficial, as long as the current density required to completely avoid scaling 
is too low to be of practical relevance. 
 
For cobalt oxide films formed at low current densities, the current response 
measured during the following cathodic potential scan was found to change. 
It was observed that the negative current peak was shifted to less positive 
potentials, and that the peak height decreased. This trend is illustrated in Fig. 
4.25, where voltammograms obtained for the films prepared at 18, 32 and 
100 A/m2 are shown. The amount of anode deposit was the same in these 
tests (CECoOOH = 0.21 %). Slower dissolution of films produced at low 
current densities indicates a more stable form of cobalt oxide. The increased 
stability may be related to a more compact morphology or to changes in 
structure, caused by the lower deposition potentials and longer deposition 
times (ageing). After potential sweeps, more brown precipitate was also 
observed on the DSA® surface. It was also found that the anodic current at 
the onset of potential sweeps was lower on films produced at low current 
densities, which indicates that these films were less active for Cl2 evolution. 
Finally, the shoulder on the anodic side of the reduction peak for the films 
prepared at 18 and 32 A/m2 was probably due solely to chlorine, which 
indicates that the reduction of this form of cobalt oxide started at a lower 
potential than Cl2 reduction. 
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Figure 4.25 Voltammograms of the cathodic dissolution of cobalt oxide 
films deposited at different current densities. Linear scans at -1 
mV/s sweep rate in standard CoCl2 electrolyte at pH 1.6 and 
60°C. 
 
The strong improvement in CECo with increasing current density shown in 
Fig. 4.21 b) is related to the difference in thermodynamics and 
electrochemical kinetics between cobalt electrodeposition and hydrogen 
evolution. In Fig. 4.26, partial current densities of the cobalt deposition and 
the sum of cathodic side reactions (mainly H2 evolution and Cl2 reduction) 
are compared. The side reactions were predominant at low current densities, 
because these reactions are preferred thermodynamically. When the current 
density was increased, the rate of the side reactions increased only slightly 
due to slow kinetics and diffusion limitations, while the cobalt metal growth 
increased more steeply. At the highest current density of 3170 A/m2, 
decomposition of water molecules into H2 and OH- ions may become 
feasible. However, experiments carried out by Kongstein [65] showed that 
even higher current densities must be applied for this reaction to proceed. 
Using a cobalt anode, he obtained CECo of 90 % at 3000 A/m2, 10 % higher 
than what was measured at 3170 A/m2 in the present work (see Fig. 4.21 b)), 
which suggests that more intensive Cl2 reduction was involved here. 
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Figure 4.26 Calculated partial current densities for cobalt metal deposition 
and the sum of cathodic side reactions (hydrogen evolution and 
chlorine reduction) vs. total current density. 
 
Cobalt produced at 10 and 11 A/m2 had a light grey and shiny appearance, 
and the thin metal disks were nonuniform so that they did not cover the 
entire titanium substrate. Increased current density resulted in a gradual 
conversion to dark and dull electrodeposits. Even at 3170 A/m2, smooth and 
coherent cobalt metal was obtained. 
 
 
4.2.1.8 Effects of agitation 
 
In a preliminary set of experiments, mixing of the electrolyte was 
investigated by varying the rotation speed of the magnet at the bottom of the 
cell from 0 to 700 rpm. Here, potential scans were performed in the same 
electrolyte as used in the former galvanostatic electrolysis. As a 
consequence, dissolved chlorine was then reduced on the working electrode 
along with cobalt oxide, resulting in too high values of CECoOOH. Despite this 
shortcoming, the most important results from these experiments are reported, 
since they gave some useful information about the actual system. 
 
As shown in Fig. 4.27 a), CECoOOH and Eavg were nearly independent of 
stirring rate, except when the stirrer was turned off completely, which caused 
a slight decrease in CECoOOH. The behaviour of Ea versus the amount of 
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electric charge applied seemed not to be affected by the degree of agitation. 
CECo decreased with increasing stirring rate, see Fig. 4.27 b). 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
Figure 4.27 Effects of agitation on the cobalt electrowinning process.           
a) Anode scaling rate and anode potential, and b) Cathodic 
cobalt current yield. Note that in these experiments potential 
scans were performed in a Cl2-containing electrolyte. 
 
The fact that the agitation intensity did not have any significant influence on 
the rate of anode scaling at standard conditions is another indication of an 
activation controlled process, although gas bubbles formed always create 
some turbulence in the electrolyte during electrolysis. At 0 rpm, a small 
reduction wave was also observed during the second potential sweep, which 
suggests that there was still CoOOH present when the first sweep was 
completed. This in combination with a lower pH on the anode surface may 
explain the small decrease in CECoOOH at no stirring. 
 
As opposed to electrolysis, stirring rate had a profound effect on the cathodic 
dissolution of the cobalt oxide film during potential sweeps, see Fig. 4.28. 
From the figure it can be seen that no stirring resulted in a very broad 
reduction wave, indicating slow CoOOH dissolution. When the stirring rate 
was increased, the reduction peak became deeper and sharper. The 
voltammograms did not change for stirring rates above 400 rpm. 
 
Inhibited dissolution of CoOOH at low agitation levels was related to 
depletion of H+ ions close to the surface of the working electrode, since no 
gas bubbles were generated during potential sweeps. Above 400 rpm, 
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CoOOH dissolution characteristics were dominated by the surface reaction 
and not diffusion. A higher cathodic current at low potentials, observed for 
high stirring rates, indicates more intensive Cl2 reduction. In addition, the 
current was then found to fluctuate more. 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
Figure 4.28 Voltammograms of the cathodic dissolution of cobalt oxide 
films at different stirring rates. Linear scans at -1 mV/s sweep 
rate in Cl2-containing CoCl2 electrolyte at pH 1.6 and 60°C. 
 
The negative trend in cathodic current efficiency for cobalt with increasing 
stirring rate (Fig. 4.27 b)) is ascribed to enhanced transport of H+ ions and 
dissolved Cl2 to the cathode during electrolysis. Separate tests with a soluble 
cobalt metal anode instead of the Cl2-producing DSA® showed the same 
trend, demonstrating the accelerating effect of forced convection on the rate 
of hydrogen evolution. By using a rotating disk electrode, Kongstein [65] 
showed that the H2 evolution reaction during cobalt electrodeposition was 
controlled by both diffusion and electron transfer (mixed control). The 
degree of Cl2 reduction is also dependent on the concentration of dissolved 
Cl2 in the bulk solution, which may change with stirring rate. The cobalt 
metal produced at 0 rpm was somewhat darker, and a few white pits with 
vertical streaks were present on its surface. 
 
 
 
 
-30
-20
-10
0
10
20
0 0.5 1 1.5
E (VSHE)
i (A
/m
2 )
200 rpm
100 rpm
0 rpm
 132 Chapter 4.   Results and discussion 
Summary 
 
When cobalt metal is produced by electrowinning from chloride solutions, a 
black substance precipitates on the DSA® anodes. This material, which 
contained ~60 % Co, was collected from anodes in the Xstrata Nikkelverk 
cobalt tankhouse and identified as α-CoOOH (heterogenite 3R). XRD 
analysis on thick films of cobalt oxide prepared in the laboratory indicated 
the same type of structure, but less crystalline. 
 
Effects of key operating parameters on the cobalt electrowinning process 
were investigated by galvanostatic electrolysis in a three-electrode test cell. 
From SEM images it was apparent that the cobalt oxide film was growing all 
over the DSA® surface, although cracks were present and some flakes had 
peeled off. In most tests, one or two peaks were observed for the anode 
potential before it stabilized, and it is believed that these peaks represented 
the nucleation and growth of cobalt oxide in the time before the available 
electrode area for chlorine evolution became constant. Accordingly, freshly 
prepared cobalt oxide was a good electrocatalyst for chlorine evolution, and 
its electrical conductivity must have been relatively high. The growth of 
cobalt oxide seemed to take place at constant rates at conditions favouring 
this reaction. The electric charge applied for CoOOH deposition at the first 
potential peak was calculated to ~1 mC/cm2, which is twice the quantity 
needed to form a monolayer of CoOOH on platinum [56]. However, at low 
pH or low current densities, the first potential peak appeared late compared 
to the total amount of cobalt oxide formed, which suggests slower initial 
rates of scaling on the clean DSA® surface compared to after it had been 
covered by cobalt oxide. 
 
The anodic deposition of cobalt oxide was found to be highly dependent on 
several of the parameters investigated. At pH below 1 no anode deposit was 
detected, whereas at pH 2 precipitation occurred in the bulk solution as well 
as on the DSA®. Accelerated rates of anode scaling with increasing 
temperature and increasing current density, along with only minor influence 
of electrolyte stirring, demonstrated that the cobalt oxide formation was 
activation controlled. The Tafel slope for cobalt oxide formation was 
estimated to be 64 mV/dec at 60°C compared to 45 mV/dec for chlorine 
evolution, i.e. operating at high current densities was found advantageous in 
order to minimize the production of CoOOH versus Cl2. Sulphate ions were 
present in the scale, and they were found to inhibit the growth of cobalt 
oxide, probably through adsorption. Finally, an insight into ionic activity 
 4.2   Laboratory scale experiments 133 
coefficients was essential in order to understand some of the trends observed 
for both the anodic and the cathodic reactions taking place in the 
electrowinning of cobalt. 
 
 
4.2.2 Influence of anode material 
 
Titanium electrodes coated with mixed oxides of various compositions 
supplied by Permascand AB were characterized and tested as anodes for 
cobalt electrowinning. Results from cobalt electrolysis experiments with 
either pure titanium metal without any noble metal oxide coating or graphite 
as anode material are also reported. Furthermore, effects of the thermal 
decomposition temperature were evaluated for Ru-Ir-Ti and Ir-Ta oxide 
coatings of fixed nominal composition. Details for the anode materials 
studied in the laboratory are summarized in Table 3.2. 
 
The electrode characterization involved physico-chemical methods (scanning 
electron microscopy (SEM), x-ray diffraction (XRD)) and cyclic 
voltammetry (CV) in sulphuric acid. The experimental details are given in 
section 3.1.3.2. Galvanostatic electrolysis of cobalt was carried out at 
standard conditions (Table 4.2) from aqueous cobalt chloride electrolyte (for 
composition, see Table 3.1, March 2004), and the extent of cobalt oxide 
deposition on the various anode materials was determined by the chemical 
route (section 3.1.4). 
 
 
4.2.2.1 Effects of anode composition 
 
SEM examination 
 
SEM micrographs of mixed oxide electrodes having different compositions 
are shown in Fig. 4.29 (all micrographs in this chapter have magnification 
10 000×). The regular ternary oxide coating depicted in Fig. 4.29 a), 
Ti/RuO2-IrO2-TiO2 (Ru:Ir molar ratio 2:1), had a compact surface 
morphology with crystallites of size ~500 nm. Some of these crystallites 
appeared as well developed pyramidal particles typical for the tetragonal 
rutile structure [160], and the element distribution from EDS analysis 
indicated that they were enriched with noble metals, mostly Ru but also Ir. 
Takasu et al. [161] prepared Ru-Ir-Ti oxide coatings on titanium by dipping 
in organic coating solution followed by heat treatment at 450°C. They also 
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obtained highly grown Ti-deficient crystallites (~200 nm) having the same 
characteristic planes, and separated by apparently flat areas composed of 
ultrafine Ti-rich particles being from 5 to 20 nm. 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
Figure 4.29 SEM micrographs of the surface of mixed oxide electrodes.     
a) Reg, b) Reg* (used), c) Ir-Ru-Ti, d) Ru-Ti coatings. 
 
Originally, the Reg* electrode shown in Fig. 4.29 b) had a coating of regular 
composition (Ru-Ir-Ti, Ru:Ir molar ratio 2:1). However, after being exposed 
to various testing by Kongstein [65], of which the details are not known, its 
morphology was severely modified. Parts of the outer layer had peeled off so 
that the next layer of the coating emerged. This second layer consisted of 
fine particles enriched with ruthenium. It should be noted that SEM 
examination of regular electrodes after several experiments of cobalt 
electrolysis did not show any sign of surface modification. De Battisti et al. 
[162] performed depth profiling of Ru-Ti mixed oxides by means of 
Rutherford backscattering spectrometry and x-ray photoelectron 
spectroscopy with argon ion sputtering. Their results indicated the 
  
 
 
a)
d)c)
b)
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occurrence of surface segregation of titanium, and the local ruthenium 
concentration was much lower at the surface compared to deeper into the 
coating. Kameyama et al. [163] also observed a surface content of RuO2 that 
was lower than the nominal composition for Ti/RuO2-IrO2-TiO2 electrodes, 
although the internal surface of pores and cracks was somewhat enriched 
with RuO2. 
 
Another version of the oxide coating containing ruthenium, iridium and 
titanium is shown in Fig. 4.29 c). Due to a Ru:Ir molar ratio of 1:1 compared 
to 2:1 in the regular coating, it was denoted as the Ir-Ru-Ti coating. From the 
micrograph it can be seen that the surface was heterogeneous, having chains 
of noble metal rich agglomerates of crystals distributed on a compact 
structure with few cracks. The crystals were smaller than those present in the 
regular coating. 
 
The classic DSA® anode with layers of RuO2-TiO2 mixed oxide (30 mole-% 
Ru) supported on titanium was also studied (Fig. 4.29 d)). A typical “cracked 
mud” structure was demonstrated for this electrode. The cracks are believed 
to be generated from the thermal shock in the baking process, due to the 
difference in thermal expansion coefficient between the base metal and the 
coating [164]. Fine almost pure RuOx crystallites were observed in the 
cracks, whereas the smooth islands surrounded by the cracks were 
dominated by TiOx. Some of the cracks were quite deep and seemed to go 
through several of the individual layers of the coating. 
 
 
XRD analysis 
 
The mineralogical composition of the Ti-supported mixed oxide coatings 
and their degree of crystallinity were investigated by XRD. As illustrated in 
Fig. 4.30, the diffractograms are dominated by signals due to the underlying 
titanium substrate, along with common peaks of the tetragonal rutile 
structure, suggesting the presence of a solid solution of RuO2, IrO2 (if 
present) and TiO2. Moreover, a shoulder appeared on the right side of the 
main rutile peaks at 2θ ~27.7 degrees, which may be attributed to noble 
metal rich crystals observed on the electrode surfaces by SEM (peak angles 
of pure phases: TiO2 27.6, RuO2 and IrO2 28.1 degrees). 
 
XRD results reported by Kameyama et al. [163] indicated that Ru-Ir-Ti 
oxide mixtures formed a three-component solid solution with rutile-type 
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structure. Due to almost identical structural parameters of RuO2 and rutile 
TiO2, these two components normally form films of solid solutions, which 
may coexist with the pure components [165]. Using transmission electron 
microscopy, Roginskaya and Morozova [36] found that Ru-Ti oxide layers 
prepared from aqueous chloride solutions were actually made up of 
nanometer-sized clusters of pure Ru and Ti oxide linked by chloride ions, 
aqua- and hydroxogroups. 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
Figure 4.30 XRD diagrams of mixed oxide electrodes. The peaks due to the 
titanium substrate are marked in the upper diagram (♦). 
 
From Fig. 4.30 it can be seen that the diffraction pattern of the worn Reg* 
electrode was more clearly defined than the unused Reg electrode. The Ir-
Ru-Ti electrode showed small rutile peaks and sharp titanium peaks, in 
accordance with the low catalyst loading compared to the other electrodes. 
The rutile peak at ~35.8 degrees was also shifted towards lower peak angles 
and thus became part of the Ti signal, probably due to the higher iridium 
content in this coating. The Ru-Ti electrode gave well defined rutile peaks, 
while the lines corresponding to the titanium base had low intensities, 
suggesting a relatively high loading. Furthermore, the anatase form of 
titanium oxide was detected in this coating, with diffraction peaks at ~25.6 
and ~48.5 degrees. A separate phase of anatase, which is the stable form of 
titanium oxide at low temperature, is typical for Ru-Ti mixed oxide coatings 
with 30 mole-% or less Ru [45]. The low temperature formation of rutile 
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TiO2 seems to be catalyzed by the presence of ruthenium in the mixture, and 
at lower RuO2 contents the part of TiO2 exceeding that in the solid solution 
is present as anatase [165]. 
 
 
Cyclic voltammetry 
 
Cyclic voltammetry (CV) is a very useful technique for in situ 
electrochemical characterization of metallic oxide electrode materials. By 
sweeping the electrode potential at a constant rate between hydrogen and 
oxygen evolution in acid or base, the active sites on the electrode will 
undergo solid-state surface redox transitions accompanied by proton 
exchange with the solution [42]: 
 
 MeOx(OH)y + δ H+ + δ e- = MeOx-δ(OH)y+δ (4.3) 
 
where Me represents elements that change their oxidation state during CV, 
like Ru and Ir. Integration of the resulting voltammetric curve gives the 
voltammetric charge q*, which is proportional to the electrochemical active 
surface area, e.g. the number of active sites. Oxides of the valve metals, like 
titanium and tantalum, do not contribute to q* except for double layer 
charging, since the redox mechanism described by equation 4.3 is not 
operating for these inert oxides. 
 
The voltammetric behaviour of the various types of mixed oxide coated 
electrodes studied in this work was recorded between 0.4 and 1.4 VSHE in 0.5 
M sulphuric acid at sweep rate 20 mV/s. Voltammograms obtained in the 
second cycle are shown in Fig. 4.31, and the calculated total q* values (sum 
of anodic q*a and cathodic |q*c|) are presented in Table 4.3. The shape of the 
voltammograms was typical of ruthenium-containing oxides [166]; a 
background current was spread over the entire potential range, and broad 
peaks appeared at ~0.8 VSHE, ascribed to the +3 ↔ +4 redox reaction of Ru 
and Ir. The q*a:|q*c| charge ratio was close to unity for all electrodes, which 
reflects a reversible charging/discharging process [167]. Compared to the 
range of q* values found in the literature, the results for these electrodes 
indicate rather compact coatings. 
 
The voltammetric profile of an unused regular electrode (Fig. 4.31 a)) and 
the worn regular electrode (Fig. 4.31 b)) were similar in shape, but the 
voltammetric charge of the latter was higher (30 vs. 21 mC/cm2). This activ- 
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Figure 4.31 Cyclic voltammograms of a) Reg, b) Reg*, c) Ir-Ru-Ti, d) Ru-Ti 
mixed oxide coatings in 0.5 M H2SO4. Scan rate 20 mV/s. 
 
ation of the worn electrode can be attributed to the partial detachment of the 
external coating layer as observed by SEM, resulting in Ru-rich fine particles 
in the second layer to become more involved in the redox reactions. A small 
q* of 6 mC/cm2 was obtained for the Ir-Ru-Ti electrode (Fig. 4.31 c)), in 
agreement with the low intensities of the rutile peaks in XRD. The current 
peaks in CV were also less distinct and shifted to higher potentials for this 
coating (0.9-1 VSHE), probably due to its higher iridium content. Kötz and 
Stucki [168] prepared Ru-Ir mixed oxides of varying Ru:Ir ratio by reactive 
sputtering, and they found a linear positive shift in both anodic and cathodic 
CV peak positions with increasing Ir content. The current response during 
CV with the Ru-Ti electrode (Fig. 4.31 d)) was higher than for the other 
unused electrodes (q* = 29 mC/cm2), probably a result of the more cracked 
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surface. The relatively large cathodic current at low potentials in cathodic 
direction may be due to both hydrogen adsorption and further reduction of 
the oxide [169]. 
 
 
Galvanostatic electrolysis from cobalt chloride solution 
 
In order to identify the different anode materials’ abilities to generate cobalt 
oxide during cobalt electrowinning, galvanostatic electrolysis was performed 
at standard conditions from cobalt chloride solution. From the results 
summarized in Table 4.3 it is evident that for the titanium-based electrodes 
the current efficiency for CoOOH formation was approximately the same at 
~0.2 %, except for the Reg* electrode which showed a current efficiency of 
only 2/3 of that value. On the other hand, graphite produced more than twice 
the amount of cobalt oxide formed on the other electrodes, even though its 
average anode potential was about 50 mV lower. Repetitive tests of a 
particular anode disk or another anode disk of the same anode material gave 
only minor differences in CoOOH formation. The small variation in cathodic 
current efficiency for cobalt indicates that the test conditions were similar. 
 
Table 4.3 Performance of various anode materials in galvanostatic 
electrolysis from cobalt chloride solution. Voltammetric charges 
q* measured in sulphuric acid are also included. 
q* Eavg CECo CECoOOH Anode (mC/cm2) (VSHE) (%) (%) 
      Reg 1 a 94.7 0.18 
      Reg 2 a 21 1.48 94.9 0.18 
      Reg* 94.8 0.13 
      Reg* #2 b 30 1.47 95.0 0.12 
      Ir-Ru-Ti 1 a 94.7 0.19 
      Ir-Ru-Ti 2 a 6 1.48 95.0 0.21 
      Ru-Ti 1 a 94.8 0.20 
      Ru-Ti 1 #2 b 94.8 0.21 
      Ru-Ti 2 a 
29 1.47 
95.0 0.20 
      Ti ~0 [144] 1.46 94.9 0.20 
      Graphite 1 a 94.9 0.41 
      Graphite 2 a - 1.42 94.9 0.47 
a
 1 and 2 indicate two different disks of the same anode material. 
b
 #2 indicates a second test of the same anode disk. 
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When an electrode has become fully covered by cobalt oxide, the influence 
of the underlying anode material seems to be of less importance, since most 
of the reactions will then take place on the anode deposit. This view is 
supported by the fact that the steady-state anode potentials were similar for 
the different anode materials, see Fig. 4.32. In the first half of the 
experiment, the worn Reg* electrode operated at a lower potential than the 
regular electrode, and no potential peak was recorded. It is believed that the 
depolarization was caused by the high density of fine Ru-rich crystallites 
present on the Reg* electrode, which may facilitate chlorine evolution in 
preference to nucleation and growth of cobalt oxide. The Ru-Ti electrode 
exhibited a broader initial peak in potential compared to the regular electrode 
(see Figs. 4.32 a) and d)), which may be due to a larger number of active 
sites. 
 
According to Figs. 4.32 e) and f), both the titanium and the graphite 
electrodes experienced high initial potentials. However, as electrolysis 
proceeded, the electrodes became activated by the increasing amount of 
cobalt oxide catalyst growing on the anode surface. For the titanium 
electrode this behaviour was surprising, since it was expected that it would 
passivate by the build-up of an insulating film of stoichiometric TiO2 on the 
surface. Boggio et al. [170] studied Ti/Co3O4 electrodes prepared by thermal 
decomposition of Co(NO3)2, and a RuO2 interlayer was introduced to avoid 
passivation in e.g. sodium chloride solution. They claimed that the porous 
Ti/Co3O4 electrodes prepared at low temperatures became passivated 
because Co3O4 was not able to protect the titanium support, since it does not 
form a solid solution with TiO2. On the other hand, a thin film of 
electrodeposited cobalt oxide between the titanium base and the mixed metal 
oxide coating has been suggested as a means of increasing the service life of 
oxygen-evolving DSA®’s [171]. In this case the cobalt oxide works as a 
barrier layer, which prevents the diffusion of oxygen to the underlying 
substrate. It should also be mentioned that titanium anodes are used in the 
electrolytic production of battery-grade manganese dioxide. By operating at 
low current density (~100 A/m2), low acid concentration (~50 g/l H2SO4) 
and high temperature (~100°C), a coherent compact layer of hydrous γ-
MnO2 is formed that retards passivation [49, 172]. 
 
The performance of titanium as an anode material was evaluated further by 
performing a couple of additional electrowinning tests in an alternative test 
cell equipped with larger electrodes (2 dm2). When using gently ground 
titanium plates in cobalt chloride electrolyte, cobalt oxide was deposited 
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Figure 4.32 Anode potential vs. total electric charge applied for different 
anode materials, during galvanostatic electrolysis from 
aqueous CoCl2 solution. a) Reg, b) Reg*, c) Ir-Ru-Ti, d) Ru-Ti, 
e) titanium, f) graphite. 
 
evenly on the titanium surface, and chlorine gas was evolved at a stable cell 
voltage for the five hour duration of the test. Switching to untreated titanium, 
chlorine gas was still produced, but cobalt oxide was not covering the entire 
surface, which is an indication of uneven current distribution. In a third test, 
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titanium plates were heat-treated in air at 800°C for one hour to oxidize the 
titanium surface. Cobalt electrowinning using these plates as anodes resulted 
in an initial cell voltage of ~12 V, which dropped and stabilized at ~9 V. No 
appreciable amounts of chlorine seemed to be generated, and inspection of 
the anodes after the test revealed that they were severely attacked by pitting 
corrosion. Titanium had dissolved from the anodes and precipitated in the 
bulk electrolyte in the form of fine white particles. 
 
These tests demonstrate that the form of cobalt oxide deposited anodically 
during cobalt electrowinning protects, at least in the short term, a titanium 
anode from becoming passivated. However, if a titanium oxide layer above a 
certain thickness is present on the surface already at the beginning of 
electrolysis, cobalt ions in solution are not capable of increasing the 
electrical conductivity of this insulating TiO2 film to avoid the titanium from 
reaching its breakdown potential, after which the metal starts to dissolve. 
Passivation of non-pretreated titanium anodes during laboratory-scale cobalt 
electrowinning experiments has been reported in the literature [173]. From 
the results above, these titanium anodes could have been covered by a too 
thick oxide film initially, or titanium covered by cobalt oxide may be less 
resistant to passivation when producing oxygen from sulphate solution. 
 
The reason why graphite produced more cobalt oxide than the other 
electrodes is not fully understood. Unimpregnated graphite is porous, and 
electrolyte may percolate through this type of material [174]. Moisture was 
actually observed on the back side of the graphite disks after testing, and 
increased levels of chloride were measured in the etching solution, which 
suggests contamination by cobalt chloride electrolyte. This part of the cobalt 
content was, however, excluded when calculating the amount of cobalt oxide 
formed. One explanation could be that the pores in the graphite were filled 
by cobalt electrolyte prior to electrolysis, which was then partly converted to 
cobalt oxide during the first phase of electrolysis when the anode potential 
was high. In addition, the low potential obtained as electrolysis proceeded 
suggests improved electrode conductivity or a highly porous anode deposit. 
A low local current density has been shown to facilitate cobalt oxide growth 
vs. chlorine evolution, as long as it is above a certain lower limit and the 
surface has been covered by cobalt oxide (see section 4.2.1.7). Finally, 
Vaaler [174] referred to studies where only 100 mg/l cobalt added to the 
anolyte or incorporated in the graphite anode resulted in 0.1 V reduction in 
anode potential in a chlor-alkali diaphragm cell. A 20 % decrease in anode 
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consumption rate was also claimed, while current efficiency for chlorine 
appeared to be somewhat reduced. 
 
 
4.2.2.2 Effects of thermal decomposition temperature 
 
At the 206th Meeting of The Electrochemical Society in Honolulu, October 
2004, the author attended a presentation given by a Japanese group on the 
inhibition of lead dioxide formation on insoluble anodes for copper foil 
production [175]. By decreasing the thermal decomposition to below 400°C 
in the preparation of the Ti/IrO2-Ta2O5 electrodes, a less crystalline structure 
was formed. The anodic deposition of PbO2 was inhibited on these low-
temperature anodes due to an increase in the PbO2 nucleaction overpotential, 
caused by the mismatch between the amorphous coating and crystalline 
PbO2. 
 
Inspired by the interesting results obtained by the Japanese group, the author 
was able to convince people at Permascand AB that this concept should be 
tested in the electrowinning of cobalt. It was decided to study the effects of 
decomposition temperatures of 350, 400, 450 and 500°C for two different 
oxide compositions supported on titanium; i.e. the ternary Ru-Ir-Ti mixed 
oxide of regular composition (Ru:Ir molar ratio 2:1), and the binary Ir-Ta 
mixed oxide (70 mole-% Ir) like the Japanese group. After receiving the 
electrodes from Permascand, they were characterized and tested as anodes 
for cobalt electrowinning with the main focus on the deposition of cobalt 
oxide. 
 
 
SEM examination 
 
Figs. 4.33 and 4.34 show SEM micrographs of the Ru-Ir-Ti and the Ir-Ta 
electrodes prepared at different temperatures. The surface of the Ru-Ir-Ti 
oxide coating prepared at 500°C consisted of some cracked and some 
compact areas having irregular-shaped agglomerates enriched with noble 
metal oxides (Fig. 4.33 a)). Separate cracks that did not follow those in the 
external coating layer were observed in the underlying layer. EDS analysis 
indicated higher levels of noble metals within the cracks, and by using large 
magnification, a high density of small particles (< 100 nm) was detected. 
The microstructure differed considerably from the regular coating fired at 
similar temperature (Fig. 4.29 a)), which is explained by the different 
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techniques used for the application of coating solution (brushing vs. 
electrostatic spray) combined with post heat treatment only for the latter 
electrode. 
 
Lower baking temperatures of 450 and 400°C did not result in extensive 
modifications of the morphology, apart from an increased number of wider 
and deeper cracks (Figs. 4.33 b) and c)). Some parts of the 400°C coating 
were covered by crystals (not shown). However, at 350°C the Ru-Ir-Ti 
electrode had a more rounded-shaped appearance, and the islands separated 
by cracks were less smooth (Fig. 4.33 d)). No crystallites were detected on 
the surface, but segregation of ruthenium and iridium in the cracks was still 
indicated by EDS. This coating also contained 2-3 % of residual chlorine 
originating from the metal chloride precursors. 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
Figure 4.33 SEM micrographs of Ru-Ir-Ti oxide coatings prepared at 
different decomposition temperatures. a) 500°C, b) 450°C,      
c) 400°C, d) 350°C. 
 
a) b)
c) d)
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The Ir-Ta mixed oxide coatings thermally decomposed at 500 and 450°C 
were heterogeneous structures, consisting of agglomerates of IrO2 needle 
crystallites distributed on a rather compact tantalum-rich surface, which 
contained some smaller cracks (Figs. 4.34 a) and b)). A SEM image of an 
almost identical surface morphology for the same type of coating on titanium 
has been reported earlier by Comninellis and Vercesi [176]. The 
crystallization is attributed to epitaxial growth of pure stoichiometric rutile 
IrO2 on the isomorphous rutile TiO2 sites, and a rough substrate in 
combination with an organic coating solution are required to generate these 
crystals [164]. 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
Figure 4.34 SEM micrographs of Ir-Ta oxide coatings prepared at             
a) 500°C, b) 450°C, c) 400°C, d) 350°C. 
 
When fired at 400°C less crystal agglomerates were observed on the Ir-Ta 
electrode surface (Fig. 4.34 c)). At large magnification it was revealed that 
they were still made up of needle-like IrO2 crystallites, though much smaller. 
Both open and closed cracks could be seen. 
a)
c)
b)
d)
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The lowest baking temperature of 350°C seemed to be too low for proper 
oxidation of the Ir-Ta type of coating, in accordance with Vercesi et al. 
[164]. No defined crystallites appeared (Fig. 4.34 d)), and high 
concentrations of chlorine and carbon were identified by EDS. During SEM 
investigation it was also difficult to focus due to problems with charging, 
which indicates low electrical conductivity of the poorly decomposed 
coating layer. The residual chlorine originated from the chloride precursors, 
while the source of the carbon is more unclear. It has, however, been 
reported that the precursors can form organometallic complexes with the 
organic solvent [38]. If the high levels of chlorine and organic material were 
accumulated in the coating layer during preparation, the higher catalyst 
loading given for this electrode in Table 3.2 may be too high, since it was 
based on weight increase measurements. 
 
 
XRD analysis 
 
Diffraction patterns of the Ru-Ir-Ti and the Ir-Ta electrodes prepared at 
different temperatures are given in Figs. 4.35 and 4.36 respectively. For both 
types of coating the rutile peaks became lower and broader with decreasing 
decomposition temperature, indicating reduced crystallinity. The 
diffractogram of the regular electrode was included in Fig. 4.35 for 
comparison. It is evident that the regular coating had a more ordered 
structure than the Ru-Ir-Ti coating calcined at 500°C, probably due to the 
different procedures used for coating application and annealing. This fact in 
combination with fewer coating layers may explain why some of the 
titanium oxide was separated into a second anatase phase in the Ru-Ir-Ti 
coatings but not in the regular coating. Small rutile peaks appeared for the 
Ru-Ir-Ti oxide mixture even at the lowest firing temperature of 350°C. 
 
The Ir-Ta electrodes prepared at 500 and 450°C showed diffraction peaks 
from the titanium substrate and a pure IrO2 rutile phase only. No tantalum 
peaks were detected, reflecting an amorphous structure of tantalum oxide. 
According to Vercesi et al. [164], higher temperatures (≥ 750°C) are needed 
to obtain crystalline Ta2O5, which does not form a solid solution with IrO2. 
On the other hand, Roginskaya and Morozova [36] have found that up to 
three individual rutile phases may coexist in Ir-Ta mixed oxide coatings 
(IrO2 and two solid solutions), the number of phases being dependent on the 
type of iridium precursor (Ir(III)Cl3 or H2Ir(IV)Cl6). 
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Figure 4.35 XRD diagrams of the regular coating and Ru-Ir-Ti coatings 
prepared at different temperatures. 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
Figure 4.36 XRD diagrams of Ir-Ta coatings prepared at different 
temperatures. 
 
When thermal decomposition was carried out at 400°C, the IrO2 signals 
appeared as broad waves, while at 350°C only lines from the titanium base 
0
2000
4000
6000
20 30 40 50 60 70 80
2θ (Deg)
In
te
n
si
ty
 
(co
u
n
ts
/s
e
c)
= Titanium
350°C
Reg
500°C
450°C
400°C
0
2000
4000
6000
20 30 40 50 60 70 80
2θ (Deg)
In
te
n
si
ty
 
(co
u
n
ts
/s
e
c)
= Titanium
350°C
500°C
450°C
400°C
 148 Chapter 4.   Results and discussion 
were present. The absence of iridium peaks indicates an amorphous phase or 
incomplete decomposition of the coating solution at these low temperatures. 
It has been shown by thermogravimetric analysis that a higher temperature is 
required to oxidize IrCl3 than RuCl3 [177]. No rutile peaks were obtained in 
the XRD pattern of the Ir-Ta coating prepared at 350°C by Vercesi et al. 
[164] using the H2IrCl6 precursor, whereas Lodi et al. [40] produced a 
powder of crystalline rutile IrO2 by decomposition of pure IrCl3 at the same 
temperature. This shows how even minor changes in procedures can have 
profound effects on the degree of conversion of precursors into defined 
oxide structures at low temperatures. 
 
 
Cyclic voltammetry 
 
The effect of the thermal decomposition temperature on the electrochemical 
active surface area was investigated by cyclic voltammetry in sulphuric acid 
solution. Voltammograms of the Ru-Ir-Ti electrodes are shown in Fig. 4.37 
a). Their shape resembled those recorded with the Reg and Reg* electrodes 
(Figs. 4.31 a) and b)), and the calculated voltammetric charge q* increased 
exponentially with decreasing baking temperature, from 27 mC/cm2 at 
500°C to 293 mC/cm2 at 350°C. Such a trend in q* is typical for thermally 
decomposed conductive oxides, attributed to more extensive crystallization 
and sintering at high temperatures [178]. The increasing anodic current at 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
Figure 4.37 Cyclic voltammograms of a) Ru-Ir-Ti and b) Ir-Ta mixed oxide 
electrodes prepared at different temperatures. 
 Red curves: 500°C, green: 450°C, purple: 400°C, blue 350°C. 
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high potentials for the lower temperature Ru-Ir-Ti coatings was probably due 
to oxygen evolution [179], i.e. reduced preparation temperature resulted in 
improved electrocatalytic activity for this reaction. 
 
As shown in Fig. 4.37 b), the voltammetric curves obtained with the Ir-Ta 
electrodes were featureless with no distinct current peaks, characteristic of 
ruthenium-free iridium oxide coatings [180]. When the firing temperature 
was reduced from 500 to 400°C, the voltammetric charge increased linearly 
from 41 to 153 mC/cm2. However, a further lowering of the temperature to 
350°C resulted in a drop in q* to 38 mC/cm2. This fact together with the 
different shape of the voltammogram suggest an incomplete decomposition 
of the coating solution at 350°C, in line with the SEM examination.  
 
 
Galvanostatic electrolysis from cobalt chloride solution 
 
The Ti-supported mixed oxide electrodes prepared at different 
decomposition temperatures were evaluated as anodes for cobalt 
electrowinning by performing electrolysis experiments in the laboratory cell 
(Fig. 3.1) at standard conditions (Table 4.2). Key results are summarized in 
Table 4.4, and they show a remarkable decrease in the extent of anodic 
deposition of cobalt oxide for the majority of the electrodes. A current 
efficiency of 0.008 % represents only ~4 % of the amount of deposit 
produced on regular anodes at similar conditions. Moreover, the CECoOOH 
data in Table 4.4 are based exclusively on the cobalt content in the etching 
solutions, due to scatter in the chloride analyses at low concentrations. This 
means that some or all of the cobalt in the etching solutions could have been 
due to contamination by electrolyte trapped in cracks and pores of the 
coatings. Consequently, anode scaling was possibly totally inhibited on those 
electrodes in Table 4.4 reported with less than 0.01 % current efficiency. 
 
The Ru-Ir-Ti electrode calcined at 500°C showed an increase in anode 
potential with electrolysis time, as opposed to the other electrodes, which 
operated at lower and more stable potentials. After electrolysis with the Ru-
Ir-Ti mixed oxide electrodes, precipitates were seen only on the coating 
prepared at 500°C. For the Ir-Ta electrodes, a few small yellow-brown 
particles were observed at the centre of the 500°C coating, and some dark 
material was also formed on both of the 350°C anode disks tested. The other 
Ir-Ta electrodes appeared to be free of deposit. After cleaning of Ir-Ta 350°C 
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electrodes in etching solution, there was apparently no coating left on the 
exposed part of the electrodes. The fact that this coating was unstable is 
understandable from the incomplete oxidation of coating agents, as revealed 
by SEM and CV. Some of the other electrodes had become somewhat darker 
in colour after electrolysis and etching. According to X-ray fluorescence 
analysis, there were no traces of any remaining cobalt on the surface of these 
electrodes. 
 
Table 4.4 Performance of Ru-Ir-Ti and Ir-Ta mixed oxide electrodes 
prepared at different temperatures, in galvanostatic electrolysis 
from cobalt chloride solution. Voltammetric charges are also 
included. 
Tdecomp q* Eavg ECo ECoOOH Coating (°C) (mC/cm2) (VSHE) (%) (%) 
   350°C 293 1.41 94.9 0.007 
   400°C 94.7 0.007 
   400°C #2 a 119 1.42 94.8 0.007 
   450°C 43 1.42 94.8 0.008 
   500°C 1 b 94.9 0.082 
Ru-Ir-Ti 
   500°C 2 b 27 1.45 94.8 0.086 
   350°C 1 b 94.9 0.021 
   350°C 2 b 38 1.43 94.8 0.022 
   400°C 153 1.44 94.8 0.007 
   450°C 1 b 95.0 0.006 
   450°C 2 b 96 1.42 94.8 0.006 
   500°C 1 b 95.0 0.011 
Ir-Ta 
   500°C 2 b 41 1.43 94.8 0.008 
a
 #2 indicates a second test of the same anode disk. 
b
 1 and 2 indicate two different unused disks of the same anode material. 
 
Several factors may have played a role in the suppression of cobalt oxide 
deposition on mixed oxide electrodes prepared at reduced temperatures. The 
observed depolarization of chlorine evolution from increased active surface 
area should reduce the extent of Co2+ oxidation. Higher nucleation 
overpotentials of CoOOH on the less crystalline low-temperature coatings 
may also be involved. However, reduced rates of anode scaling were 
obtained even for coatings having highly grown crystallites distributed on 
the surface, e.g. the Ir-Ta 450°C electrode (Fig. 4.34 b)). It is believed that 
the degree of coating crystallinity will have less effect on the nucleation of 
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α-CoOOH with hexagonal structure than for instance PbO2, which has the 
same tetragonal rutile structure as the coating. In addition, XRD analysis 
indicated a less ordered symmetry for thin films of cobalt oxide on DSA® 
(Fig. 4.2), suggesting that the coating crystallinity should have less influence 
on the nucleation process. On the other hand, a coating made up of smaller 
crystallites may retard the nucleation and growth of cobalt oxide to some 
extent, since the solubility of hydrous metal oxide nuclei increases with 
decreasing particle size, see section 2.1.1. Stable CoOOH nuclei were 
formed on the regular coating at lower potentials than recorded for any of the 
electrodes given in Table 4.4, but those experiments carried out at low 
current densities continued for much longer time, see section 4.2.1.7. 
 
During etching a varying degree of gas evolution was observed on the 
surface of the different electrodes. The formation of bubbles stopped after a 
couple of seconds when the regular coating or the other compact coatings 
were cleaned, whereas the Ru-Ir-Ti and Ir-Ta electrodes characterized by 
high voltammetric charge continued to evolve gas for the whole etching 
period. The initial gas formation was due to reduction and dissolution of 
cobalt oxide by reaction with hydrogen peroxide present in the etching 
solution, while the continued gassing is attributed to catalytic decomposition 
of H2O2. Trasatti and Lodi [165] referred to studies where high temperature 
RuO2 oxides were actually found inactive for H2O2 decomposition, related to 
low surface density of active sites. 
 
The promising results obtained in the laboratory encouraged further long-
term testing of full-scale electrodes prepared at reduced temperatures. 
Compared to regular anodes, the formation of cobalt oxide was moderately 
suppressed on coatings applied by brushing and then fired at low 
temperature, while the coatings applied by electrostatic spray produced 
similar amounts of scale as the regular anodes during one month of operation 
in the Xstrata Nikkelverk cobalt tankhouse. However, during the first day of 
operation the rate of cobalt oxide growth was suppressed on all types of low-
temperature coatings tested. It was confirmed by XRD that the coatings 
applied by brushing were less crystalline than the coatings applied by 
electrostatic spray. Furthermore, increased levels of coating peeled off 
together with cobalt oxide during operation, and the low temperature 
coatings were also less stable in etching solution. 
 
The long-term results confirm the importance of coating crystallinity with 
respect to nucleation and growth of cobalt oxide. When the anode surface 
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has been fully covered by a layer of anode scale, it also seems like the 
structure of the underlying mixed oxide coating has little influence on the 
deposition rate, since the anode is then probably working as a cobalt oxide 
anode, and cobalt oxide is growing on cobalt oxide. This means that over 
time total inhibition of CoOOH deposition is preferred to control anode 
scaling. Electrode geometry with areas of high local current density, 
variations in coating thickness, masking by impurities in the electrolyte or 
just long enough electrolysis duration to pass the long induction period are 
factors that may have initiated cobalt oxide deposition on the low-
temperature coatings. Finally, the adhesion of the coating to the titanium 
substrate must be improved for such anodes to be of practical interest. 
 
 
Summary 
 
The extent of cobalt oxide deposition on alternative anode materials for 
cobalt electrowinning was investigated. Titanium-supported Ru-Ir-Ti and 
Ru-Ti oxide coatings prepared by electrolytic spray and decomposition at 
normal temperature (~500°C) produced similar amounts of cobalt oxide 
from cobalt chloride electrolyte. These coatings were heterogeneous with 
noble metal rich crystallites and a relatively low electrochemically active 
surface area. A worn Ru-Ir-Ti electrode, where parts of the external coating 
layer were absent, operated at a lower initial potential, and less cobalt oxide 
was formed. The second coating layer had a higher density of small 
ruthenium-rich particles. 
 
Titanium and graphite showed high anode potentials in the beginning of 
electrolysis, but the build-up of cobalt oxide resulted in depolarization of 
chlorine evolution. The nature of the cobalt oxide deposited seemed to 
protect the underlying titanium from passivation. While the amount of cobalt 
oxide produced on titanium was similar to the regular Ru-Ir-Ti oxide 
coating, graphite produced more than twice as much cobalt oxide. 
Percolation of cobalt electrolyte through the graphite disk was observed, and 
it is believed that some of the cobalt oxide was generated inside this porous 
material. 
 
Ru-Ir-Ti and Ir-Ta mixed oxide coatings of constant nominal composition 
were prepared by applying the coating solution by brushing and firing at 
different temperatures ranging from 350 to 500°C. The coatings became less 
crystalline and the active surface area increased when the temperature was 
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lowered, except for the Ir-Ta 350°C coating which was not completely 
converted into oxide. The formation of cobalt oxide was extensively 
suppressed on the low-temperature coatings, either due to their higher 
activity for chlorine evolution, or possibly increased nucleation overpotential 
for cobalt oxide, or a combination of both factors. 
 
 
4.2.3 Addition of hydrogen peroxide to the electrolyte 
 
4.2.3.1 Hydrogen peroxide in metal electrowinning 
 
The use of hydrogen peroxide (H2O2) in the electrolyte has been suggested 
for the electrowinning of zinc from acidic sulphate solutions. According to 
Dominguez and Makwana [181], the addition of ~2 kg H2O2 per ton of zinc 
produced results in less manganese dioxide sludge being generated, 
improved current efficiency for zinc, lower levels of lead in the zinc product 
and decreased anode overpotential. By introducing between 0.9 and 3.57 g 
H2O2/h to 1 litre of 2 M sulphuric acid at 35°C containing 10 g/l Mn2+, Nijjer 
[49] avoided build-up of MnO2 deposit on a Ti/IrO2-Ta2O5 electrode 
operated at 500 A/m2 for 100 hours. Anode depolarization in the range of 
500-700 mV was obtained. At the highest H2O2 addition, large sections of 
the coating fell off the electrode, and the electrolyte became yellow. The 
exfoliation of the coating was attributed to dissolution of the titanium 
substrate by H2O2 forming yellow titanium peroxide complexes. According 
to Schmets et al. [182], titanium and TiO2 will corrode in acid solutions in 
the presence of H2O2 with the formation of orange pertitanyl ions TiO22+. 
 
To eliminate pitting of cathodes from adhering hydrogen bubbles, H2O2 in 
the electrolyte has also been suggested for nickel electrowinning [151]. It 
was supposed that H2O2 reacted with adsorbed hydrogen intermediates on 
the cathode surface forming water, although the true mechanism is not well 
understood [117]. 
 
Kongstein [65] studied the influence of H2O2 on the cobalt electrowinning 
process from chloride solutions. He used the same laboratory test cell as 
used in the present work, and the test conditions were similar, except for a 
lower current density (230 A/m2) and less charge applied (~200 C). When 
0.054 g/l H2O2 was added to the electrolyte prior to electrolysis, the quantity 
of cobalt oxide formed on the Ti/RuO2-IrO2-TiO2 electrode dropped to less 
than half. After electrolysis with higher H2O2 concentrations of 0.17 and 
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0.22 g/l, no deposit was seen on the anode surface. Furthermore, a small 
decrease was observed in the anode potential with H2O2 in the electrolyte. 
No changes were detected in the plated cobalt metal or cathodic current 
efficiency when cobalt was deposited from an electrolyte containing 0.22 g/l 
H2O2 and using a soluble cobalt anode. From the experiments carried out by 
Kongstein [65], it was not possible to tell if H2O2 resulted in suppression of 
the cobalt oxide deposition reaction, or if cobalt oxide was redissolved by 
H2O2. 
 
 
4.2.3.2 Chemistry of hydrogen peroxide 
 
According to Pourbaix and de Zoubov [183], hydrogen peroxide has both 
oxidizing and reducing properties. It can act as an oxidizing agent with the 
formation of water: 
 
 H2O2 + 2 H+ + 2 e- = 2 H2O          E° = 1.77 VSHE (4.4) 
 
or it can act as a reducing agent with the formation of oxygen: 
 
 H2O2 = O2 + 2 H+ + 2 e-          E° = 0.68 VSHE (4.5) 
 
From equations 4.4 and 4.5 it can be seen that H2O2 has a domain of double 
instability for standard electrode potentials between 0.68 and 1.77 VSHE, 
where it can decompose into oxygen and water: 
 
 2 H2O2 = O2 + 2 H2O (4.6) 
 
The decomposition of H2O2 is catalyzed in the presence of transition metal 
ions, particularly at elevated temperatures. Cobalt has been shown to be a 
much more effective catalyst than nickel in the decomposition of peroxides 
[78]. 
 
Although H2O2 is a strong oxidizing agent it cannot be used efficiently to 
oxidize cobalt under acidic conditions [78]. Even at pH 6.5 only about 75 % 
conversion of the cobalt to CoOOH takes place. On the other hand, in more 
acidic solutions H2O2 becomes an effective reducing agent for Co(III), e.g. 
CoOOH: 
 
 2 CoOOH + H2O2 + 4 H+ = 2 Co2+ + O2 + 4 H2O (4.7) 
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In the present work, H2O2 was used as a reductant in the acidic etching 
solution to accelerate the dissolution of cobalt oxide deposits. 
 
 
4.2.3.3 Electrolysis from cobalt chloride solutions containing hydrogen 
peroxide 
 
The effects of H2O2 were investigated in the laboratory cell by performing 
two galvanostatic electrolysis experiments at the standard test conditions 
given in Table 4.2. In the first experiment, H2O2 corresponding to 0.26 g/l 
was added to the preheated electrolyte a couple of minutes before 
electrolysis was started. At the end of electrolysis, the electrodes were 
removed from the cell and immediately immersed in water. The quantity of 
cobalt oxide formed on the DSA® anode was then determined using the 
chemical route described in section 3.4. The second experiment was carried 
out in the same electrolyte after adding the same quantity of H2O2. However, 
in this test the anode stayed in the cell at open circuit potential (OCP) for 5 
minutes after electrolysis. 
 
The results in Table 4.5 show that the presence of H2O2 in the electrolyte 
suppressed the anodic cobalt oxide deposition, although some deposit was 
still produced. As shown in Fig. 4.38 a), the nucleation and growth of cobalt 
oxide appeared as a peak in the anode potential. This potential peak was 
broader with H2O2, which indicates reduced rates of cobalt oxide deposition. 
 
Table 4.5 Summary of results from cobalt electrolysis experiments with 
and without H2O2 in the electrolyte. 
H2O2 
conc. 
Time at 
OCP ∆pH
 *
 Eavg CECo CECoOOH 
(g/l) (min)  (VSHE) (%) (%) 
0 0 ~0 1.48 95 0.18 
0.26 0 1.48 n.a. 0.07 
> 0.26 5 -0.07 1.49 90 0 
*
 Change in electrolyte pH measured at room temperature. The result for the experiments 
with H2O2 represents the total change in pH from the start of the first experiment until the 
second experiment was finished. 
 
When the anode was kept in the electrolyte at OCP after electrolysis, no 
cobalt oxide was detected. It was observed that the OCP was declining 
rapidly within the first minute before levelling out at ~0.8 VSHE (Fig. 4.38 
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b)). The anode deposit was probably dissolved by remaining H2O2 according 
to equation 4.7, and the OCP was then controlled by the interaction between 
H2O2 and the DSA® noble metal oxides (equation 4.5), as opposed to the 
usual Co2+/Co3+ and Cl-/Cl2 redox couples operating when no H2O2 was 
present. 
 
 
 
 
 
 
 
 
 
 
 
 
 
Figure 4.38 a) Anode potential during electrolysis from CoCl2 electrolyte 
containing H2O2 (second experiment). b) Open circuit potential 
after electrolysis in electrolyte with and without H2O2. 
 
The formation of chlorine was easily identified in the regular electrolysis 
experiments by its characteristic irritating smell. However, with H2O2 in the 
electrolyte there was no smell of chlorine. According to Valensi et al. [184], 
chlorine acts as an oxidation agent according to the following reaction: 
 
 H2O2 + Cl2 = O2 + 2 HCl (4.8) 
 
500 coulombs of electric charge can generate a maximum of 2.6 millimoles 
of Cl2 (100 % CE), while the initial content of H2O2 in the 3 litres of 
electrolyte was 23 millimoles, i.e. a large excess of H2O2 versus Cl2. If 2.6 
millimoles of Cl2 are decomposed quantitatively by H2O2, 5.2 millimoles of 
HCl will be generated. For two experiments this means a 3.5 mM increase in 
the HCl concentration of the electrolyte. An initial pH of 1.5 measured at 
room temperature, an H+ activity coefficient of 1.9 in the electrolyte (Fig. 
2.14) and 10 % cathodic consumption of the H+ ions produced then gives a 
final estimated pH of 1.43 after two experiments. This represents exactly the 
same pH decrease as measured experimentally, suggesting that the chlorine 
evolved was decomposed by H2O2. The lower electrolyte pH with H2O2 
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should have contributed to the observed decrease in anode scaling, but the 
drop in CECoOOH was too large to be only a pH effect, see section 4.2.1.2. 
 
In contrast to Kongstein [65], no depolarizing effect of H2O2 was observed 
for the anode process, which may be due to the higher current density used. 
Furthermore, the cathodic current yield of cobalt was negatively affected by 
the presence of H2O2 to a much higher extent than can be explained by the 
decreasing electrolyte pH. Lower levels of dissolved chlorine due to 
decomposition by H2O2 should in fact improve the current efficiency for 
cobalt. It is believed that the reduction in CECo was caused by cathodic 
decomposition of excess H2O2 according to equation 4.4. The high standard 
electrode potential of this reaction suggests that H2O2 should be reduced 
preferentially on the cathode rather than cobalt reduction and hydrogen 
evolution [117]. It is unclear why Kongstein [65] did not observe any effect 
of H2O2 on CECo. 
 
H2O2 may seem as an ideal anode depolarizer based on its relatively low 
cost, availability and decomposition products compatible with the process. 
However, in a chloride-based electrowinning process where chlorine is the 
preferred anode product, the use of H2O2 cannot be recommended. The 
current yield of chlorine will deteriorate from the reaction with H2O2, and 
owing to the relative high solubility of chlorine in chloride solutions, only a 
small portion of the added H2O2 will reach the anode surface, resulting in 
almost no depolarization and minor dissolution of anode deposits during 
operation. Moreover, H2O2 in the catholyte may be decomposed on the 
cathodes, reducing metal current efficiency. The risk of accelerated 
degradation rates of the DSA®-type of anodes frequently used in chloride 
media is another obstacle related to the use of H2O2 in these processes. 
 
The effects of H2O2 addition in the electrowinning of cobalt from chloride 
solution were also studied on a pilot scale, see section 4.3.2.5. 
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4.2.4 Advanced current supply 
 
4.2.4.1 Periodically reversed current (PRC) 
 
The cobalt oxide depositing on DSA® during cobalt electrowinning can be 
dissolved by cathodic polarization, as utilized in the electrochemical route 
for determination of the rate of anode scaling (section 3.4). By performing 
experiments with potential-controlled electrolysis, Kongstein [65] found that 
the current efficiency for CoOOH formation was reduced considerably if 
cathodic potential pulses were applied. The combination of long time at low 
cathodic potential, i.e. 20 % of the total time at 0.24 VSHE, was found to be 
the most effective at the low frequency of 0.001 s-1. When operating at these 
conditions, no deposit was observed on the DSA® surface at the end of the 
cathodic part of the pulse cycle. 
 
In the present work, the influence of the frequency of periodic current 
reversal at 0.001, 0.01 and 0.1 s-1 was studied. To avoid hydrogen evolution 
and metal deposition on the DSA® during cathodic pulses, the electrode 
potential was controlled instead of the current. IR-corrected potentials of 
1.48 and 0.8 VSHE were applied for 85 and 15 % of the total time 
respectively. The duration of each experiment was 4000 seconds, and they 
were terminated at the end of a cathodic pulse. Otherwise, standard test 
conditions as listed in Table 4.2 were used, and CECoOOH was determined by 
the chemical route (section 3.4). 
 
The results in Table 4.6 show that the extent of cobalt oxide deposition was 
reduced by operating in PRC mode. The lowest frequency tested resulted in 
less CoOOH being generated than at the intermediate frequency, reflecting 
the long time needed for CoOOH to dissolve. At the intermediate frequency, 
enough chlorine was probably available at the electrode for it to be 
preferentially reduced with respect to CoOOH in the shorter period of 
cathodic polarization. The highest frequency tested appeared to be the most 
efficient in suppressing anode scaling. Only a few small black particles were 
observed on the DSA® surface after this experiment, which indicates that the 
frequent potential pulsing was interrupting the nucleation and growth 
process of CoOOH. 
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Table 4.6 Anodic cobalt oxide deposition at different frequencies of PRC. 
Frequency tforward treverse 
Number of 
cycles ia,avg CECoOOH 
(s-1) (s) (s)  (A/m2) (%) 
0 * 1990 0 0 800 0.18 
0.001 850 150 4 845 0.07 
0.01 85 15 40 846 0.11 
0.1 8.5 1.5 400 654 0.01 
*
 Galvanostatic electrolysis at similar conditions. 
 
From Table 4.6 it can be seen that higher anodic currents were recorded in 
those experiments where cobalt oxide was building up on the DSA®. This 
activation of the chlorine evolution reaction is also illustrated in Fig. 4.39, 
where current profiles for each of the PRC experiments are given. From 
these profiles it is evident that the anodic current showed an increasing trend 
with time at low and intermediate frequencies (Figs. 4.39 a) and b)), while it 
decreased rapidly and then stabilized at the highest frequency (Fig. 4.39 c)). 
The rise in anodic current after a cathodic pulse, as seen in Fig. 4.39 a), is 
believed to have been caused by reactivation of less accessible sites in the 
cobalt oxide film due to penetration of electrolyte into pores and along grain 
boundaries. During continued anodic polarization this inner surface area 
will, however, be gradually excluded as a result of concentration polarization 
and gas blocking, and the current then decreases before stabilizing. The 
increased active surface area from the growth of CoOOH also induced 
higher initial currents during cathodic polarization. 
 
The cobalt metal deposited using PRC electrolysis was bent and was partly 
detached from the titanium electrode. Bent cobalt was also produced at slow 
pulsing by Kongstein [65], and the bending was attributed to internal stresses 
in the deposit. 
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Figure 4.39 Current response from potential-controlled PRC at different 
frequencies. a) 0.001, b) 0.01, c) 0.1 s-1. 
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4.2.4.2 Stability of cobalt oxide deposits 
 
To study the kinetics of chlorine evolution on DSA® anodes covered by 
cobalt oxide, steady state polarization curves were recorded in acidic sodium 
chloride solution [185]. However, these experiments were unsuccessful, 
since the electrodeposited cobalt oxide films were found to be unstable in 
such a medium (2 M NaCl, pH 1, 60°C). The dissolution rate was 
surprisingly high, and within a few minutes in the electrolyte at open circuit 
potential (OCP), there was apparently no cobalt deposit left on the anode 
surface. Higher pH in the NaCl solution (pH 1.5), increased film thickness 
and immediate anodic polarization failed to give acceptable stability of the 
cobalt oxide layer. 
 
Based on the unexpected behaviour of the cobalt oxide films in NaCl 
solution, an investigation of the stability of cobalt oxide deposits in cobalt 
chloride electrolyte was carried out. Cobalt oxide films were deposited on 
DSA® by galvanostatic electrolysis at standard conditions (Table 4.2), and 
the electrodes were then kept in an electrolyte at OCP for various durations 
before being removed for the determination of remaining CoOOH. Two 
different types of DSA® were tested, the regular Ru-Ir-Ti coating and the 
Ru-Ti coating (Table 3.2). In most of the tests, when the electrolysis was 
accomplished, the electrode was transferred to a separate cobalt chloride 
electrolyte without dissolved chlorine, and the quantity of CoOOH was 
determined according to the chemical route (section 3.4). However, the 
stability of CoOOH in the same electrolyte as used for electrolysis was also 
studied for the regular electrode. For these and two additional tests in 
chlorine-free electrolyte, the electrochemical route was used to measure the 
amount of CoOOH. 
 
The measured quantities of CoOOH on the DSA® anodes after different 
times at OCP are presented in Fig. 4.40 a). This figure shows that the freshly 
prepared cobalt oxide films were far from stable in standard cobalt chloride 
solution at 60°C and pH 1.6. A high initial dissolution rate of CoOOH was 
observed, and after 10 minutes at OCP more than 40 % was lost already. The 
dissolution rate then decreased with time. Furthermore, the film stability 
seemed to be similar on the two types of DSA®, and the presence of 
dissolved chlorine in the electrolyte reduced the extent of dissolution. The 
chemical and electrochemical routes gave similar results. 
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Fig. 4.40 b) shows 24-hour potential decay curves for CoOOH-covered 
regular DSA®’s in the electrolyte used for electrolysis and in a separate 
electrolyte without chlorine. A second test was performed in chlorine-free 
electrolyte. Here, the electrode was cleaned with deionized water after the 
electrolysis and then dried at room temperature before being immersed in 
cobalt chloride electrolyte. The three electrodes exhibited quite different 
decrease in OCP with time. No anode scale was detected on any of the 
electrodes after 24 hours at OCP. 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
Figure 4.40 Dissolution of cobalt oxide on DSA® at open circuit potential. 
a) Quantity of CoOOH vs. time at OCP for the regular and the 
Ru-Ti electrode. Results obtained for the regular electrode by 
the electrochemical route are also included; in a separate 
electrolyte (▲), and in the same electrolyte as used for 
electrolysis (×). 
b) Potential decay curves for the regular electrode after 
electrolysis; in the same electrolyte as used for electrolysis 
(with Cl2), or in a separate cobalt chloride electrolyte, either 
directly (without Cl2) or after drying (dried without Cl2). 
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1.5.4). This indicates that the trivalent cobalt hydroxides produced are rather 
stable. 
 
For the anode scale to dissolve, trivalent cobalt ions must be reduced to the 
divalent state, which in an aqueous cobalt chloride solution results in the 
oxidation of chloride ions to chlorine or the oxidation of water to oxygen: 
 
 2 CoOOH + 6 H+ + 2 Cl- = 2 Co2+ + Cl2 + 4 H2O (4.9) 
 
 2 CoOOH + 4 H+ = 2 Co2+ + ½ O2 + 3 H2O (4.10) 
 
According to the Pourbaix diagram of the Co-Cl-H2O system given in Fig. 
2.1, reactions 4.9 and 4.10 should be feasible at pH levels below 0.6 and 2.0 
respectively. On the other hand, due to activity effects and the fact that the 
fresh cobalt oxide may exist in the form of less crystalline and hydrous 
metastable phases, equation 4.9 is believed to be the main dissolution 
reaction even at pH 1.6, since the formation of oxygen from water is 
normally very slow. Reaction 4.9 will be shifted to the left by the presence of 
dissolved chlorine in the electrolyte, which explains the reduced dissolution 
rates observed in the electrolyte used for electrolysis. The improved stability 
of the dried cobalt oxide film, as can be seen from the potential decay curves 
in Fig. 4.40 b), was probably related to dehydration so that it took some time 
for the electrolyte to penetrate the material. 
 
Cobalt oxide may be less stable in the form of a thin and porous layer on a 
DSA® than being dispersed as free particles in the bulk electrolyte. If the 
noble metal oxides at the DSA® surface get into contact with the electrolyte, 
they may catalyze the chloride oxidation half cell reaction, thereby 
increasing the driving force for cobalt oxide dissolution. Matsuo et al. [186] 
have demonstrated that the reduction of PbO2 films at OCP can be inhibited 
by using oxide coatings with low activity for oxygen evolution. When using 
Ir-Sn oxide coatings rich in Sn, showing a higher reversible potential for 
oxygen evolution than the reversible potential for PbO2 reduction, no local 
galvanic cell could be established and PbO2 was stabilized. 
 
Metal hydroxides typically undergo phase transformation over time from 
amorphous metastable compounds to more stable crystalline structures 
[187]. Such an ageing effect was observed for cobalt oxide produced in the 
Xstrata Nikkelverk cobalt tankhouse. Relatively fresh anode scale from the 
bottom of an anode bag was not stable when suspended in chlorine-free 
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cobalt chloride electrolyte at 60°C and pH 1, whereas older precipitate taken 
from the anolyte manifold contained very little hydrated water and seemed to 
be almost completely insoluble under identical conditions. In addition, the 
dissolution of the deposit from the anode bag stopped after less than 24 
hours when the electrolyte pH had increased to ~1.3. The slurry was then 
filtered and the solid material suspended in fresh electrolyte. Now much less 
anode scale was dissolved, which indicates some sort of stabilization. The 
accumulation of black particles in the laboratory cell also showed that the 
exfoliated cobalt oxide became less soluble (see section 4.2.1.1). 
 
Another passivation phenomenon was sometimes observed when cathodic 
polarization was employed to dissolve cobalt oxide layers on DSA®. The 
black adherent films could then be converted to brown particles, which were 
loosely bonded to the electrode surface and more stable in the electrolyte. 
This process was facilitated by a rapid decrease in potential, large quantities 
of anode deposit, high pH and the presence of chlorine in the electrolyte. It is 
suggested that the formation of particles instead of complete dissolution can 
be explained by re-precipitation of another form of cobalt oxide, as a result 
of the increased local pH generated during the dissolution of the original 
film. Benson et al. [7] found that β-CoOOH could be converted to the more 
stable CoHO2 phase if Co(OH)2 was present in the oxide layer. Co(OH)2 
may have been formed on the DSA® due to high surface pH. 
 
Titanium-supported cobalt oxide electrodes prepared by thermal 
decomposition of suitable precursors have been suggested for chlorine 
evolution from slightly acidic solutions [60]. However, these electrodes are 
not stable if the pH becomes too low. Tarasevich and Efremov [188] have 
reported that for pH levels below 2.5, the active layer is subjected to higher 
chemical wear because the electrode surface structure undergoes changes. 
When OCP was measured for Ti/Co3O4 in chloride solution at decreasing 
pH, Garavaglia et al. [153] obtained a break at about pH 5, which was 
ascribed to leaching of Co2+ from the surface at lower pH values. Da Silva et 
al. [61] showed that the cobalt oxide coating was unstable during potential 
cycling in a 5 M NaCl + 0.01 M HCl electrolyte. They suggested that 
trivalent Co2O3 formed by oxidation of Co3O4 during the anodic scan was 
reduced to soluble divalent CoO during the cathodic scan. In two other 
papers about the cobalt oxide electrode by the same authors [189, 190], 
results are reported on the characterization and investigation of the oxygen 
evolution reaction from acidic sulphate solution. They referred to 
experiments showing that the cobalt oxide electrode suffered from anodic 
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corrosion at high potentials in acid media (> 1.47 VRHE). It was assumed that 
trivalent CoOOH is oxidized to unstable tetravalent CoO2, which then 
decomposes into soluble CoO with the simultaneous liberation of O2. About 
1 % of the O2 was produced through active dissolution of the cobalt oxide 
layer. Finally, it should be mentioned that thermally prepared cobalt oxide 
electrodes could be stabilized by introduction of small quantities of 
ruthenium. This stabilizing effect was attributed to a strong surface 
enrichment of this component [189]. 
 
 
4.2.4.3 Periodically interrupted current (PIC) 
 
The lack of stability at OCP, as discovered for the cobalt oxide deposits, 
suggested that its rate of growth could be reduced by operating with current 
interruptions during electrowinning. The anode potential recorded in a test of 
periodically interrupted current (PIC) is displayed in Fig. 4.41. Galvanostatic 
electrolysis commenced with a clean regular DSA® using the standard 
conditions listed in Table 4.2. After applying 500 C of electric charge, the 
current was interrupted for 6 minutes before being switched on again. 
Electrolysis proceeded for an additional 500 C, and the electrode, now 
covered by cobalt oxide, was then removed from the cell, washed with 
deionized water and dried over night at ambient temperature. The next day 
the dried electrode was immersed in preheated electrolyte and kept at OCP 
for 30 minutes before electrolysis was resumed (Fig. 4.41 b)). Two portions 
of 1000 C were applied with an intermittent 10 minutes current interruption. 
 
It is obvious from Fig. 4.41 that leaving the CoOOH-covered DSA® at OCP 
resulted in anode depolarization in the first period of subsequent electrolysis. 
A reduction in potential of up to 50 mV compared to the steady state level 
was obtained. This activation, similar to what observed during PRC 
electrolysis (see section 4.2.4.1), is also attributed to penetration of 
electrolyte into the cobalt oxide layer, increasing the active electrode surface 
area available for chlorine evolution. The same type of experiment was 
carried out in nickel solution (mixed chloride-sulphate) without anode scale 
formation. In this test the anode potential increased much faster after current 
interruption. The current efficiency for CoOOH formation was not measured 
in the PIC laboratory experiment, however, the concept of PIC electrolysis 
was studied further on pilot scale, see section 4.3.2.7. 
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Figure 4.41 Anode potential during galvanostatic electrolysis with current 
interruptions in CoCl2 solution. a) Start with a clean DSA®,    
b) Continued electrolysis after drying of the DSA® covered by 
cobalt oxide. 
 
 
4.2.4.4 Short-circuiting of the cell 
 
Compared to current interruption, the driving force for cobalt oxide 
reduction and dissolution can be increased considerably by just short-
circuiting the cell after switching off the current. At unit activities and pH 
1.5, the reversible potential difference between cobalt metal and CoOOH is 
close to 1.5 V. Hence, by connecting the anode to the cathode through an 
electrical conductor, cobalt oxide should be reduced and dissolved from the 
DSA® with simultaneous anodic dissolution of the cobalt cathode: 
 
 2 CoOOH + Co° + 6 H+ = 3 Co2+ + 4 H2O (4.11) 
 
Following galvanostatic electrolysis at standard conditions (Table 4.2), the 
laboratory cell was short-circuited for 10 or 30 minutes, in either the same 
electrolyte as used for electrolysis (with chlorine), or in a separate cobalt 
chloride electrolyte without dissolved chlorine. 10 minutes of electric 
shorting resulted in some yellow-brown deposit on the DSA®, which may 
have been formed by reprecipitation caused by the abrupt drop in electrode 
potential, as shown in Fig. 4.42. Anode scale dissolution tests involving 
cathodic potential steps instead of sweeps demonstrated that if the 
dissolution process was forced to proceed too fast by a too large potential 
step, brown precipitates were generated. On the other hand, after 30 minutes 
of short-circuiting, the electrode surface was clean, i.e. the brown deposit 
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was also dissolved when exposed to very low potentials for a relatively long 
period of time. 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
Figure 4.42 Effect of short-circuiting on the potential of the DSA® anode; in 
the same electrolyte as used for electrolysis (with Cl2), or in a 
separate cobalt chloride electrolyte (without Cl2). 
 
When short-circuiting in chlorine-free electrolyte, no effect on the cobalt 
current yield was obtained, while in chlorine-containing electrolyte, CECo 
decreased by about 1 % in 30 minutes. The lower current efficiency in the 
latter solution can be explained by a higher shorting current owing to 
reduction of dissolved chlorine on the DSA®. 
 
Short-circuiting of the cell after cobalt electrowinning was investigated 
further in the electrowinning pilot plant, see section 4.3.2.8. 
 
 
4.2.4.5 Consequences of advanced current supply 
 
The results reported in this chapter indicate that the build-up of cobalt oxide 
on DSA® in cobalt electrowinning can be reduced by frequent lowering of 
the anode potential, as obtained either by periodically reversed current, 
periodically interrupted current or short-circuiting. However, there are 
obviously quite a few negative consequences related to this kind of advanced 
current supply. On the cathode side, the current efficiency may deteriorate, 
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and internal stresses in the deposited metal causing cathode warping generate 
a range of operational problems. On the anode side, due to the high 
capacitance of DSA®-type anodes, high frequency PRC may result in loss of 
chlorine production, since a greater portion of the charge supplied will then 
be consumed by charging and discharging catalytic sites. Discontinuous 
operation has also been shown to enhance anode degradation; see below. 
Furthermore, the sophisticated rectifiers needed may be prohibitively 
expensive. 
 
Several thermally prepared oxide electrodes are fairly stable towards 
cathodic polarization, and RuO2 and IrO2 coatings have in fact been 
proposed as potential cathode materials for electrolytic hydrogen production 
from acid solution [191]. However, when hydrogen is evolved, it may be 
absorbed by the electrode catalyst and the support, forming solid solutions of 
hydrogen in metal and metal hydrides [192]. This hydrogenization can result 
in change of lattice parameters, formation of microcracks, brittleness, metal 
bulging/rupture and pulverization. Morimitsu et al. [193] found that PRC 
drastically reduced the durability of Ti/IrO2-Ta2O5 electrodes for oxygen 
evolution compared to continuous anodic electrolysis. The consumption of 
the catalytic layer was even higher than during continuous cathodic 
electrolysis, and they suggested that the high corrosion rate was induced by 
alternate preferential dissolution of tantalum and iridium during cathodic and 
anodic polarization respectively. Martelli et al. [47] carried out some tests 
showing that several polarity reversals in solutions containing foreign ions 
(Zn2+ in their case) can be very dangerous compared to H2 evolution, 
because metals are deposited in the DSA® surface cracks during cathodic 
mode, and then dissolved again during anodic mode. This cycling results in 
coating damage due to mechanical weakening. 
 
For Ti/RuO2-TiO2 electrodes it has been shown that the wear rate decreases 
steadily with time after the beginning of polarization in 5 M NaCl solution 
[44]. Enhancement in wear is also observed if the polarization is 
disconnected and then connected again. It was reported that periodic 
disconnections may shorten the life of the electrode by 20 – 50 %. During 
the initial period of chlor-alkali electrolysis, the coating dissolution rate is 
more than two orders of magnitude higher than the steady-state rate [45]. 
The steady-state dissolution rate is reached after about 100 hours, and the 
decrease in the rate of ruthenium dissolution is linked to adsorption 
phenomena of chloride ions. Mraz and Krysa [194] found that for a Ti/IrO2-
Ta2O5 anode, the steady-state rate of dissolution was reached after 600 – 700 
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hours, and it was 200 – 300 times lower than the initial dissolution rate. 
Interruption of electrolysis for more than 1 hour had a considerable influence 
on the iridium dissolution rate, since continuing electrolysis after 
interruption resulted in a rapid increase in Ir dissolution. 
 
 
Summary 
 
Addition of hydrogen peroxide to the electrolyte and various alternatives of 
advanced current supply were explored as potential methods to reduce the 
extent of anode scaling during cobalt electrowinning. The addition of 0.26 
g/l H2O2 to the cobalt chloride electrolyte did not give rise to any noticeable 
depolarization of the anode process during standard galvanostatic 
electrolysis, and cobalt oxide was deposited on the DSA®. When the current 
was switched off, the open circuit potential of the anode was observed to 
decrease rapidly, and the cobalt oxide layer was dissolved. Furthermore, 
there was no indication of chlorine in the spent electrolyte, and from the 
measured drop in electrolyte pH it was estimated that the major part of the 
evolved chlorine was decomposed by excess H2O2. The cobalt current yield 
became lower with H2O2 in solution, presumably due to cathodic 
decomposition of H2O2. 
 
Less cobalt oxide was produced when potential-controlled electrolysis with 
periodic current reversal was applied instead of continuous direct current. 
High frequency was found to be most effective, since the nucleation and 
growth of CoOOH was then probably severely interrupted. A low frequency 
was better than an intermediate frequency, indicating that the dissolution 
process of anode scale was slow. When a CoOOH-covered DSA® was 
polarized anodically following current reversal or interruption, the chlorine 
evolution reaction became depolarized before being stabilized at the 
previous level. This behaviour was attributed to penetration of electrolyte 
into pores in the cobalt oxide deposit, increasing the active electrode surface 
area. Internal stresses in the cobalt metal deposited by PRC electrolysis 
resulted in bending and partial detachment from the titanium cathode. 
 
The anodic films of freshly prepared cobalt oxide on DSA® were not stable 
at open circuit potential in standard cobalt chloride electrolyte at 60°C and 
pH 1.6. A high initial dissolution rate was obtained, and after 10 minutes 
stop of electrolysis more than 40 % of the cobalt oxide had already 
dissolved. After 24 hours the DSA® was clean. The CoOOH dissolution was 
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suppressed by the presence of dissolved chlorine in the electrolyte. Solubility 
tests of industrial anode scale indicated an ageing process where the cobalt 
deposits were stabilized over time. 
 
Short-circuiting of the cell after cobalt electrolysis was found to accelerate 
the dissolution of cobalt oxide from the DSA®. When short-circuited for 10 
minutes, some yellow-brown deposit was observed on the electrode surface, 
while after 30 minutes the DSA® was clean. It was suggested that the 
yellow-brown deposit was generated by reprecipitation due to the rapid drop 
in potential experienced by the DSA® when short-circuited. 
 
 
4.2.5 Evaluation of experimental techniques 
 
4.2.5.1 Comparison of the two alternative routes for determination of the 
extent of anode scaling during cobalt electrowinning 
 
To be sure that there was no significant drift in test conditions and 
procedures over time, a standard experiment was reproduced on a regular 
basis. In these experiments galvanostatic electrolysis of cobalt was carried 
out at the standard test conditions given in Table 4.2. From the results in 
Table 4.7 it can be seen that the measured current efficiency for anodic 
CoOOH deposition was dependent on the route applied for anode scale 
dissolution. Average values of 0.148 ± 0.005 and 0.173 ± 0.017 % were 
obtained for the electrochemical and the chemical routes respectively. The 
experimental errors were based on the standard deviations obtained from the 
samples of data in Table 4.7 and use of the Student’s t distribution giving a 
95 % confidence interval for the average values [195]. Determination of 
CECoOOH by measuring the anode weight increase was regarded as being 
inaccurate and, therefore, was not tested. 
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Table 4.7 Summary of experiments performed at standard conditions. 
DSA® Electrolyte Eavg CECo CECoOOH Time 
order Route Disk 
no. 
Exp. 
no. 
Batch Exp. 
no. 
(VSHE) (%) (%) 
1 El.chem #1 52 Jan. 02 5 1.483 94.6 0.156 
2 “ “ 62 “ 1 1.481 94.6 0.141 
3 “ #2 4 “ 10 1.477 95.3 0.148 
4 “ “ 7 “ 1 1.477 94.9 0.149 
5 “ #3 4 “ 2 1.471 95.1 0.140 
6 “ “ 30 “ 1 1.494 94.8 0.143 
7 “ “ 37 “ 2 1.487 95.2 0.151 
8 “ “ 38 “ 1 1.478 94.9 0.155 
9 Chem “ 72 “ 1 1.490 94.5 0.180 
10 “ “ 73 “ 2 1.477 94.6 0.149 
11 “ “ 78 “ 7 1.481 94.4 0.181 
12 “ “ 83 Mar. 04 1 1.483 94.7 0.176 
13 “ #4 1 “ 4 1.464 94.9 0.179 
 
The larger error in CECoOOH for the chemical route was due to the lower 
number of experiments and the outlier in experiment no. 10. In this 
experiment, a higher chloride concentration was observed in the etching 
solution, indicating higher levels of entrained electrolyte. However, the 
difference was only 0.5 mg/l Cl, equivalent to the precision of the chloride 
analysis, but still it had a large effect on CECoOOH because of the low 
concentration. The blank etching solution contained between 2 and 4 mg/l 
Cl, and after etching it had increased by 0.5-1.5 mg/l in the standard 
experiments. Uncertainty in the chloride analysis was a major problem in the 
chemical route, especially when small quantities of anode scale were 
produced.  
 
The series with different electrolyte pH was also reproduced by using the 
chemical route to compare with the results obtained by the electrochemical 
route (section 4.2.1.2). Fig. 4.43 shows the CECoOOH values measured by the 
two alternative routes. At high pH very good agreement was obtained, 
whereas at intermediate pH the chemical route gave systematically higher 
results for CECoOOH than the electrochemical route. The negative value for 
the chemical route at pH 0.9 was a result of 0.5 mg/l more chloride analysed 
in the etching solution than in the blank, even though it contained only 0.12 
mg/l Co after etching. 
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Figure 4.43 Comparison at different solution pH of the electrochemical and 
the chemical route for determination of current efficicncy for 
anodic CoOOH deposition. 
 
The lower values of CECoOOH obtained by the electrochemical route can be 
explained by chemical dissolution of the unstable cobalt oxide deposit during 
the removal of the electrodes to the chlorine-free electrolyte and in the first 
part of the cathodic potential sweep, see section 4.2.4.2. The time from the 
end of electrolysis to the start of the potential sweep was normally between 4 
and 5 minutes, and it is believed that the variation in this time period was the 
main contributor to the random error reported for the electrochemical route. 
The extent of the systematic error generated by cobalt oxide instability will 
depend on the amount of anode scale formed, the structure of the deposit and 
the electrolysis conditions in general (electrolyte composition, temperature 
etc.). However, the cobalt oxide was stabilized somewhat by the presence of 
dissolved chlorine, and the same type of electrolyte was always used for 
potential sweeps. 
 
When calculating CECoOOH according to the chemical route, it was assumed 
that all the cobalt in the anode deposit was in the trivalent state (equation 
3.3). The match between the two routes at pH 1.9 indicates that this was an 
acceptable assumption for freshly prepared cobalt oxide, since it was 
probably much more stable at lower acidity levels. Furthermore, the similar 
results obtained by the two routes when studying the stability of CoOOH on 
DSA® also support this view (see Fig. 4.40 – in these experiments the time 
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spent on the change of the electrolyte was included in the total time at open 
circuit potential). 
 
 
4.2.5.2 Dissolution of anode deposit by cathodic potential sweeps 
 
During anodic gas evolution the noble metal oxides in the DSA® coating are 
oxidized to higher valence states, and when polarized cathodically they will 
be reduced to lower valence states, see section 4.2.2.1. Therefore, the 
parallel reduction of the DSA® coating will increase the cathodic current 
measured during CoOOH dissolution by the electrochemical route. To 
subtract the contribution of the DSA® material, the potential sweep was 
repeated after polarizing the CoOOH-free anode at 1.34 VSHE for one minute. 
The charge difference between the two sweeps was then used to calculate 
CECoOOH from equation 3.2. One minute of anodic polarization was probably 
sufficient to reoxidize most of the active sites. In any case, the influence of 
the regular coating must have been moderate due to its compact structure and 
low voltammetric charge q* (section 4.2.2). Half of the q* value obtained in 
sulphuric acid, equivalent to the cathodic part of the cyclic voltammogram 
(21 mC/cm2 / 2 × 3.14 cm2 = 33 mC), represents less than 5 % of the charge 
difference between the two potential sweeps in a typical standard experiment 
(740 mC). This rough estimate illustrates the minor contribution from the 
regular DSA® material, although its voltammetric charge will be somewhat 
different at lower sweep rates in cobalt chloride solution. When small 
amounts of CoOOH are deposited or if more porous DSA®’s are employed, 
the effect of the reduction of the catalytic coating will be more important. 
 
Kongstein [65] found that cathodic dissolution of anode deposit was a slow 
process in cobalt chloride electrolyte. In the present work, the effect of 
sweep rate on the dissolution characteristics of cobalt oxide deposited at 
standard conditions was investigated. Linear voltammograms for sweep rates 
in the range 0.1 – 10 mV/s are shown in Fig. 4.44 a). The broadening of the 
CoOOH reduction wave with increasing sweep rate confirms the 
sluggishness of this reaction. Similar cathodic currents at low potentials were 
also recorded in the second potential sweeps on clean DSA®, suggesting that 
it was mainly due to the reduction of the noble metal oxides in the DSA® 
coating. 
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Figure 4.44 Influence of sweep rate on the cathodic dissolution of cobalt 
oxide deposited at standard conditions. a) Voltammograms of 
linear potential sweeps from 1.34 to 0.04 VSHE at different 
sweep rates. b) Calculated current efficiency for anodic 
CoOOH deposition vs. sweep rate. 
 
The current efficiency for anodic cobalt oxide deposition was calculated in 
the usual way from equation 3.2, and the results are presented in Fig. 4.44 b). 
It is assumed that the downward trend in CECoOOH at high sweep rates can be 
explained by reprecipitation of a more stable form of cobalt oxide (see 
section 4.2.4.2), which then inhibited the dissolution of the remaining anode 
scale. After three potential sweeps at 10 mV/s, the electrode was still 
covered by yellow-brown precipitate. By operating with a low sweep rate of 
1 mV/s and a moderate electrolysis charge to avoid the build-up of very 
thick cobalt oxide films, all the deposited material was usually dissolved and 
no reprecipitation was observed. 
 
 
4.2.5.3 Exfoliation of anode scale 
 
Loss of anode deposit peeling off the DSA® during electrolysis, electrode 
handling or electrochemical dissolution was another systematic error which 
resulted in too low values of CECoOOH to be measured. Particles were 
detected at the bottom of the cell following a series of experiments, and SEM 
images of DSA®’s covered by thick layers of cobalt oxide showed that some 
deposit had fallen off the anode (see Fig. 4.5 f)). Since the anode deposit was 
not completely stable in the electrolyte, it was difficult to quantify the 
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magnitude of this error. On the other hand, results from the variation of the 
amount of electric charge applied indicated that if the electrolysis was 
terminated before the layer became too thick, flaking appeared to be of 
minor importance (see section 4.2.1.1). 
 
 
4.2.5.4 Repeated use of the same electrolyte and electrode in consecutive 
experiments 
 
Other factors like the time order, the electrolyte and the DSA® disk used 
appeared to be of secondary importance. The absence of any noticeable drift 
in the results suggests that the experimental procedures did not change over 
time and that the electrolyte was stable. At 100 % current efficiency, the 
concentration of cobalt and chloride in the electrolyte would decrease by 
only 0.05 and 0.06 g/l respectively, due to the large volume of electrolyte (3 
litres) compared to the electric charge applied (500 C). Evaporation of water 
had in fact a larger but opposite effect on the electrolyte composition; the 
volume decreased by roughly 10 ml per experiment, corresponding to 0.18 
g/l increase in cobalt concentration. The volume of electrolyte was checked 
and corrected by adding deionized water in between experiments. The pH of 
the electrolyte was also measured regularly, but usually no change was 
observed. The measurement of pH was discussed in detail in section 2.7.7.  
 
Based on the fact that there might be slight differences between electrode 
samples having the same type of catalytic coating [156], it was decided to 
use the same anode disk in consecutive measurements. However, the results 
from the standard experiments showed that there was no significant 
difference between the regular anode disks tested. Furthermore, the use of 
the same anode disk in many experiments did not seem to affect the amount 
of anodic cobalt oxide generated at standard conditions, even though it is 
known that operation under harsh conditions, discontinuous current supply 
and cathodic polarization will accelerate the degradation of the DSA® 
coating. The stable operation of the anodes may be related to its reduced 
influence after being covered by cobalt oxide combined with a high coating 
durability, since the regular Ru-Ir-Ti mixed oxide electrodes were produced 
commercially and consisted of multi-layered coatings. It should, however, be 
mentioned that the behaviour of the anode potential was altered for DSA #3 
after about 65 experiments. As illustrated in Fig. 4.45, the low and broad 
potential peak appearing in the first phase of cobalt electrolysis (Fig. 4.45 a)) 
then became higher and sharper (Fig. 4.45 b)). This may indicate that the 
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coating was partly deactivated, but this was not studied in more detail. The 
shape of the anode potential profiles before and after this modification was 
similar to those given in Figs. 4.45 a) and b) respectively. The reason for the 
abrupt change in potential behaviour is not known. 
 
 
 
 
 
 
 
 
 
 
 
 
Figure 4.45 Anode potentials recorded during the first half of galvanostatic 
electrolysis at standard conditions. a) Standard experiment no. 
8, b) Standard experiment no. 9. 
 
 
4.2.5.5 Anode potential and anode design 
 
As shown in Table 4.7, the recorded average anode potential differed by as 
much as 30 mV, although the majority of the standard experiments gave 
anode potentials at around 1.48 VSHE. By plotting the IR-corrected anode 
potential as a function of the ohmic drop measured between the tip of the 
Luggin capillary and the DSA® surface at zero faradaic current, a positive 
correlation was revealed, see Fig. 4.46. Hence, small variations in the 
distance between the reference electrode and the working electrode were not 
completely compensated by the technique applied for IR correction. 
Moreover, owing to the additional resistance induced by the evolved gas 
bubbles, all potentials were more or less undercompensated (see section 
4.2.1.7). The influence of the gas bubbles was, however, reduced by placing 
the Luggin capillary at the bottom of the DSA® where the concentration of 
bubbles was lower. To get accurate measurements of the anode potential, the 
IR-drop should be measured when the electrode is polarized and gas is 
produced, by using either electrochemical impedance spectroscopy or a 
current interruption technique. 
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Figure 4.46 IR-corrected average anode potential as a function of the 
measured ohmic drop in standard experiments. 
 
At high current densities massive bubble formation resulted in fluctuations in 
the measured anode potential. It was observed that large gas bubbles were 
accumulating along the periphery of the DSA®, and they seemed to adhere to 
the anode holder (details of the experimental setup are shown in Fig. 3.1). 
The design of the anode holder was very practical for testing different anode 
materials, but there were also a few shortcomings related to it. In addition to 
the adhering gas bubbles, contact problems were experienced between the 
back side of the anode disk and the copper conductor at high temperatures, 
which caused the PVDF material to expand. Furthermore, leakage of 
electrolyte into the anode holder took place in preliminary experiments, but 
this was later avoided by regular replacement of O-rings. 
 
 
4.2.5.6 Cobalt metal electrodeposition 
 
In the standard experiments the cathodic current efficiency for cobalt varied 
between 94.4 and 95.3 %; a difference equivalent to 1.3 mg of metal. The 
two alternative routes gave similar results for CECo, and no correlation was 
detected between CECo and CECoOOH. The variation in cobalt current yield 
was probably related to weighing error combined with small differences in 
cobalt ion activity, pH, convection and concentration of dissolved chlorine in 
the electrolyte. 
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Summary 
 
Reproduction of cobalt electrolysis experiments at standard conditions gave 
anodic CoOOH current efficiencies of 0.148 ± 0.005 % for the electro-
chemical route and 0.173 ± 0.017 % for the chemical route. The lower 
amount of anode deposit obtained by the electrochemical route was 
explained by chemical dissolution in the time between electrolysis and 
cathodic potential sweeps. Imprecise analysis of the chloride content in 
etching solutions was the most important factor inducing experimental error 
in the chemical route. Other factors, such as the time order and the repeated 
use of the same electrolyte and electrode in several experiments appeared to 
be of less importance with respect to the extent of anode scaling. 
 
 
4.3 Pilot scale experiments 
 
The remaining part of this chapter is devoted to the work carried out in the 
Xstrata Nikkelverk electrowinning pilot plant described in section 3.2.1. The 
intention of the pilot testing was to investigate the cobalt electrowinning 
process with the use of similar size and design of electrodes and electrolytic 
cell as in the Xstrata Nikkelverk cobalt tankhouse. It was essential to find out 
how changes in the operating conditions affected the entire electrowinning 
process, e.g. the metal deposition, the composition of the anode gas and the 
energy consumption. However, the main focus was still the detrimental 
deposition of cobalt oxide on DSA® anodes. 
 
Like in the laboratory scale experiments, key electrowinning parameters 
were studied one at a time, the other conditions being kept constant at the 
standard conditions given in Table 4.8. Regular rod anodes were employed 
in most of the experiments (section 3.2.2), and when calculated from the 
geometric surface area, the anodic current density was similar to the tests 
performed in the laboratory (800 A/m2). Due to the much larger surface area 
of the cobalt cathodes, the standard cathodic current density was only a 
quarter of the anodic current density. The duration of a standard pilot 
experiment was 24 hours, which was more than 40 times longer than a 
typical lab experiment. Furthermore, the electrolyte pH was lower; pH 1 in 
the feed electrolyte compared to pH 1.5 in the standard laboratory electrolyte 
when measured at room temperature. 
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Table 4.8 Standard electrowinning conditions in the pilot experiments. 
EW time pH 1 Co 2 Temp. 2 Current density 3 
Anode 
suction 
Inlet 
flow rate 
(h)  (g/l) (°C) (A/m2) (mm w.g. 4) (m3/h) 
24 1.0 55 60 210 75 1.5 
1
 pH in the inlet measured at room temperature. 
2
 Inlet conditions. 
3
 Cathodic current density. 
4
 mm w.g. = millimetre water gauge. 
 
The chlorine-saturated anolyte withdrawn from the anodes (900 mg/l 
dissolved Cl2) was dechlorinated efficiently by introducing 1.6 Nm3/h of air 
to each compartment at 750 rpm stirring rate (< 10 mg/l Cl2 in the anolyte 
leaving the dechlorination facility). The experimental procedures for the 
pilot plant experiments are outlined in section 3.2.3. 
 
 
4.3.1 Influence of key electrowinning parameters 
 
Based on the laboratory study, which showed a large effect of electrolyte pH 
on the extent of anode scaling (section 4.2.1.2), particular attention was paid 
to monitoring the pH in the anode compartments when operating the 
electrowinning pilot plant. Cobalt current yield (CECo) and cell voltage were 
measured in order to determine the influence of process modifications on 
productivity and energy consumption. As opposed to the laboratory cell, the 
composition of the anode gas could also be measured for estimation of the 
selectivity between the anodic chlorine and oxygen evolution reactions. 
 
 
4.3.1.1 Effects of electrowinning time 
 
In the first set of experiments, the electrowinning time was varied between 
14 and 95 hours to see if reproducible results were obtained with respect to 
time. This time only the worn Reg* rod anode was etched for determination 
of the current efficiency for anodic cobalt oxide deposition (CECoOOH). As 
shown in Table 4.9, scatter appeared in the results for CECoOOH and CECo due 
to small variations in the pH and temperature of the feed electrolyte. When 
the effect of pH was taken into account, the process seemed to be 
independent of time; see Fig. 4.48 where the CECoOOH values are plotted 
together with results obtained when studying the effects of pH. 
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Electrowinning for 24 hours was, therefore, regarded as being sufficient. 
These results clearly demonstrate the importance of proper pH control in this 
system, so that in the following experiments, the settings of parameters to be 
held constant were not adjusted within the series. 
 
Table 4.9 Summary of results from the variation of electrowinning time. 
Anode gas EW time Time 
order 
Inlet 
pH 
Inlet 
temp. 
Cell 
voltage Cl2 O2 
CECo CECoOOH 
(h)   (°C) (V) (%) (%) (%) (%) 
14 4 1.09 60 3.3 98 1 92.8 0.023 
24 3 1.03 60 3.3 98 1 91.7 0.017 
49 1 1.11 61 3.4 98 1 93.2 0.026 
95 2 1.00 60 3.3 98 1 91.7 0.015 
 
From Table 4.9 it can also be seen that the measured composition of the 
anode gas was stable at ~98 % chlorine, ~1 % oxygen and ~1 % nitrogen 
(due to dilution by air), i.e. selectivity was not affected by the thickness of 
the cobalt oxide layer. Furthermore, the cell voltage dropped by 0.1 V from 
the first to the second experiment. A somewhat higher cell voltage was 
usually observed when new thin cobalt starting sheets were introduced. As 
the weight of the cathodes was increasing, their alignment improved and the 
contact resistance became lower, thus reducing the cell voltage. The same 
cobalt cathodes were used in all four experiments. 
 
Continuous measurements of the current and the anode potential were tested 
for the Reg* anode. The current was recorded by measuring the potential 
drop across a copper shunt mounted on the contact side of the anode hanger 
bar. Fig. 4.47 a) shows that the current was relatively stable, indicating 
steady current distribution between the electrodes in the cell. The porous tip 
of a glass capillary was placed close to a rod in the centre of the anode 
structure, and a KCl salt bridge was extended from the capillary through the 
top of the anode hood to a calomel reference electrode. The potential was 
measured between the reference electrode and a shielded titanium wire, 
which was welded to the anode surface next to the capillary tip to avoid the 
potential drop within the anode. As shown in Fig. 4.47 b), the recorded 
anode potential increased initially before stabilizing after about 2.5 hours of 
electrolysis. Contrary to the laboratory experiments, no potential peak 
appeared during the initial phase of electrolysis. These measurements were 
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abandoned due to frequent contact problems and the large and varying 
influence of solution IR drop. 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
Figure 4.47 a) Current and b) anode potential recorded for the Reg* anode 
in the 14-hour experiment. 
 
 
4.3.1.2 Effects of inlet pH 
 
In the second series, the pH of the feed electrolyte was gradually decreased 
in an attempt to eliminate anode scaling, as achieved in the laboratory scale 
experiments (section 4.2.1.2). It was found that the catholyte pH had to be as 
low as 0.6 to completely avoid scaling (Fig. 4.48 a)), because the pH in the 
anode compartments did not decrease to the same extent. At standard 
electrowinning conditions, the pH in the anolyte was higher than in the 
catholyte, and this pH difference, denoted as ∆pH, increased when the 
catholyte pH was lowered, see Fig. 4.48 b). It is believed that the observed 
increase in ∆pH at low catholyte pH values was caused by a combination of 
less oxygen being formed on the anodes, thus generating less acid in the 
anode compartments, and a higher degree of proton migration out of the 
anode bags towards the cathodes. This view was supported by calculating 
anolyte pH values from the H+ material balance for an anode compartment, 
as outlined in Appendix. From Fig. 4.48 b) it can be seen that a very good 
agreement was obtained between experimental and calculated ∆pH values. 
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Figure 4.48 Effect of catholyte pH on a) current efficiency for anodic cobalt 
oxide deposition and b) difference in pH between the anolyte 
and the catholyte. A set of CECoOOH values obtained at various 
electrowinning times are also shown. 
 
Increase in the electrolyte pH from the standard level at pH 1 gave 
accelerated rates of anodic cobalt oxide deposition, as illustrated in Fig. 4.48 
a). All the anodes were etched, and the amount of CoOOH varied 
considerably. This was probably due to different conditions in each of the 
anode bags together with uncertainties in the experimental method, see 
section 4.3.3. The anode deposit seemed to adhere better to the worn Reg* 
anode than to the recoated Reg anodes, since for the latter, more scale was 
collected at the bottom of the bags. Moreover, there was no sign of any 
precipitation in the bulk solution. Compared to the lab work, similar trends 
were obtained for CECoOOH versus pH. However, the levels were somewhat 
lower in the pilot experiments, which may be explained by the difference in 
anode geometry and local current density. 
 
When the pH of the catholyte exceeded ~1.3, ∆pH shifted from positive to 
negative (Fig. 4.48 b)). Increased rates of anodic O2 and CoOOH formation 
generated more acid inside the anode compartments, and the lower acid 
concentration in the catholyte reduced the extent of H+ transport by 
migration (see Appendix section A.3.1). At the highest pH tested, i.e. pH 1.6 
in the catholyte, no HCl was added to the mixing tank to control acidity. In 
this case the acid balance for the pilot plant system gave an O2 content of 2.5 
% in the anode gas, in acceptable agreement with the experimental analysis 
(Appendix Fig. A.2 a)). 
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The current efficiency for cobalt dropped to 83 % when the catholyte pH 
was lowered from 1 to 0.6 (Fig. 4.49 a)). On the other hand, at pH 1.6, CECo 
improved to almost 96 %. The pH in the catholyte was higher than in the 
feed, and the difference increased from 0.01 at pH 0.6 to 0.05 at pH 1.6. 
Within the pH range tested, the cell voltage appeared to be independent of 
the electrolyte acidity (Fig. 4.49 b)). 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
Figure 4.49 Effect of catholyte pH on a) cathodic current efficiency for 
cobalt and b) cell voltage. 
 
Contrary to the other sets of experiments, the effects of pH were not studied 
in random order. Hence, it is believed that the high anolyte flows measured 
at high pH, see Appendix Fig. A.2 b), can be ascribed to a high permeability 
of the diaphragm and not the pH itself. This is further discussed in section 
4.3.3.2. 
 
 
4.3.1.3 Effects of cobalt chloride concentration 
 
The concentration of cobalt was varied in the range 34 – 74 g/l, the chloride 
concentrations being 46 and 92 g/l respectively. Fig. 4.50 a) shows that the 
anode scaling was almost 5 times more intense at the highest concentration 
compared to the lowest concentration, even though the anolyte pH dropped 
close to 0.1 pH units (Fig. 4.50 b)), counteracting the rate of cobalt oxide 
deposition. This pH decrease is attributed to more cobalt and chloride ions 
being available for current transport across the diaphragm at higher 
concentrations, thereby reducing the extent of H+ migration out of the anode 
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bags. The calculations of ∆pH presented in Appendix section A.3.2 
demonstrate the much larger reduction in the proton migration term with 
increasing CoCl2 concentration than the corresponding decrease in the 
anodic acid generation term. Cobalt and chloride concentrations were 1 – 2 
g/l lower in the anolyte than in the catholyte, reflecting their contribution to 
current transport. 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
Figure 4.50 Effect of catholyte cobalt chloride concentration on a) current 
efficiency for anodic cobalt oxide deposition and b) difference 
in pH between the anolyte and the catholyte. 
 
Owing to a pH ~0.05 higher than in the other experiments, a larger quantity 
of CoOOH was formed at 64 g/l Co. The higher pH can also explain the 
lower ∆pH values measured at this concentration. In the prevailing 
concentration range, CECoOOH was increased by ~0.0008 % per g/l increase 
in cobalt concentration compared to ~0.0032 % in the lab experiments. This 
large difference indicates that the cobalt oxide deposition reaction was more 
dependent on cobalt concentration at the higher electrolyte pH employed in 
the laboratory. 
 
The cobalt chloride concentration also had a large effect on CECo, increasing 
from 83 % at 34 g/l Co to 95 % at 74 g/l Co (Fig. 4.51 a)). In the same 
concentration range, the cell voltage was reduced from 3.6 to 3.2 V (Fig. 
4.51 b)). The depletion of cobalt and chloride ions was 1 – 2 g/l in the 
catholyte. From the negative influence of a lower concentration on both 
CECo and cell voltage, it seems to be more beneficial to control anode scaling 
0
0.04
0.08
0.12
30 40 50 60 70 80
Catholyte concentration (g/l Co)
∆
pH
Experimental
Calculated
b)
0
0.01
0.02
0.03
0.04
30 40 50 60 70 80
Catholyte concentration (g/l Co)
CE
Co
O
O
H
 
(%
)
Reg
Reg*
a)
 4.3   Pilot scale experiments 185 
by pH. The ratio between the change in CECoOOH and the change in CECo was 
higher when varying the pH. 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
Figure 4.51 Effect of catholyte cobalt chloride concentration on a) cathodic 
current efficiency for cobalt and b) cell voltage. 
 
 
4.3.1.4 Effects of temperature 
 
As shown in Fig. 4.52 a), the anode scaling reaction was accelerated at 
elevated temperatures, almost four times more cobalt oxide being formed at 
69°C compared to 50°C. A similar temperature dependence was observed at 
higher pH in the laboratory, see section 4.2.1.6. The pH in the anolyte 
compartments was higher than in the catholyte for all temperatures tested, in 
accordance with the calculated ∆pH values (Fig. 4.52 b)). The slightly 
reduced pH difference measured at higher temperatures may be due to a 
higher catholyte pH at the relevant temperature, since the electrolyte pH 
increases with temperature, see section 2.7.7 (pH was measured at room 
temperature in the pilot work). 
 
Consequently, operating at low temperature would reduce the extent of 
scaling, but at the expense of both CECo and cell voltage, see Figs. 4.53 a) 
and b) respectively, thus increasing energy consumption from 3.1 kWh/kg 
Co at 69°C to 3.6 kWh/kg Co at 50°C. Higher levels of hydrogen and 
oxygen impurities absorbed in the cobalt cathodes is another negative effect 
of reduced temperature, lowering product quality. In contrast to the lab exp- 
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Figure 4.52 Effect of catholyte temperature on a) current efficiency for 
anodic cobalt oxide deposition and b) difference in pH between 
the anolyte and the catholyte. 
 
eriments, where dissolved chlorine was reduced on the cathode, CECo 
increased monotonically with temperature in the pilot plant. The cobalt 
cathodes were replaced by new starting sheets before the experiment at 
64°C, which increased the cell voltage. 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
Figure 4.53 Effect of catholyte temperature on a) cathodic current efficiency 
for cobalt and b) cell voltage. 
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4.3.1.5 Effects of current density 
 
The effects of current density on the cobalt electrowinning process were 
investigated by applying total cell currents ranging from 1000 to 3000 A, 
equivalent to 106 and 319 A/m2 cathodic current density. The geometric 
surface area of the rod anodes was about four times lower than that of the 
cathodes, thus giving anodic current densities in the range 435 – 1311 A/m2.  
Since the total charge supplied was about the same in each experiment 
(~50 kAh), electrowinning times varied between ~17 and ~46 hours. 
 
Fig. 4.54 a) shows that the extent of anode scaling was only slightly 
increased at higher current densities, despite the observed increase in both 
anolyte pH (Fig. 4.54 b)) and temperature (see below). In four of the five 
experiments, the amount of CoOOH formed on the end anode placed next to 
the catholyte overflow was measured in addition to the Reg* anode. It can be 
seen from Fig. 4.54 a) that CECoOOH was higher on the end anode, which 
received just a little bit more than half the current compared to the Reg* 
anode. The same anode was used as end anode in all four experiments, and it 
should be mentioned that in the series involving different inlet pH values, 
this particular anode generated more cobalt oxide than the average value. 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
Figure 4.54 Effect of cathodic current density on a) current efficiency for 
anodic cobalt oxide deposition and b) difference in pH between 
the anolyte and the catholyte. 
 
The larger pH difference between the anolyte and the catholyte is attributed 
to more H+ ions being transported out of the anode bags to conduct the 
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higher currents. Furthermore, less oxygen was produced on the anodes when 
the current was raised, although a portion of the O2 content given in 
Appendix Fig. A.5 a) came from air leakage at low current density. The ∆pH 
values were, however, suppressed by higher anolyte flows, see Appendix 
Fig. A.5 b). At higher currents, the gas bubble content of the electrolyte in 
the anode bags becomes more extensive, which increases the hydrostatic 
pressure difference across the diaphragm, leading to higher anolyte flows 
[20]. On the other hand, the increased rates of gas production resulted in a 
larger pressure drop from the manometer to the anode hoods. 
 
High current densities were favourable with respect to CECo, improving from 
89 % at 106 A/m2 to 92 % at 319 A/m2 (Fig. 4.55 a)). To increase the current 
from 1000 to 3000 A, additional energy had to be applied to the system, 
indicated by the almost linear increase in cell voltage from 2.6 to 4.2 V 
shown in Fig. 4.55 b). This extra energy input was converted into heat, 
reflected by the temperatures measured in the catholyte overflow, at 59°C 
and 63°C respectively. Heating of the electrode hanger bars was another 
consequence of higher current loads. 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
Figure 4.55 Effect of cathodic current density on a) cathodic current 
efficiency for cobalt and b) cell voltage. 
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4.3.2 Possible methods to suppress anode scaling 
 
Based on the results obtained in the laboratory, it was decided to examine on 
a pilot scale some of the alternative methods to suppress anodic cobalt oxide 
deposition. Different anode geometries, various means of decreasing the pH 
in the anode compartments and advanced current supply were tested. 
 
 
4.3.2.1 Effects of anode design 
 
The various anode designs illustrated in Fig. 3.6 were tested at the standard 
electrowinning conditions listed in Table 4.8. From Fig. 4.56 a) it is evident 
that the quantity of deposited cobalt oxide increased with increasing anodic 
current density, calculated from the geometric surface area. In addition, the 
end anodes, operating at approximately half current, gave lower CECoOOH 
values than the other anodes in the cell that was separated by a cathode on 
either side. When new box anodes were employed, having the largest surface 
area of the five different substrates tested, almost no CoOOH was detected 
on the two end anodes. To see if the anode scaling was completely inhibited 
at slightly higher acidity, an additional test was performed with box anodes 
at pH 0.9 in the feed electrolyte. Less CoOOH was generated, but scaling 
was not avoided, including the end anodes. After the recoated ESA anodes 
were tested, the pH conditions were found to be nearly 0.1 pH units higher 
than in the other experiments reported in Fig. 4.56 a). When compared with 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
Figure 4.56 Effect of anodic current density on a) current efficiency for 
anodic cobalt oxide deposition and b) cell voltage. 
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results obtained with regular rod anodes at equivalent conditions, the larger 
area ESA anodes seemed to generate less anode deposit. 
 
Before rods were removed from the group of 6 worn regular anodes in order 
to increase the local current density, these anodes were first tested without 
any modifications. Although the thickness of the catalytic coatings was 
within acceptable limits, an uneven current distribution appeared between 
the electrodes, and the cell voltage was 0.3 V higher than usual under the 
prevailing conditions. Moreover, CECoOOH was significantly reduced 
compared to recoated regular anodes, and very little deposit was flaking off 
these anodes during electrolysis. The lower rate of anode scaling on the worn 
anodes together with improved adherence to the anode surface might have 
been due to a more cracked catalytic layer enriched with ruthenium, similar 
to what observed for the worn Reg* electrode investigated in the laboratory 
cell, see section 4.2.2.1. When half of the vertical rods were cut off, anode 
scaling was more than doubled, and parts of the catalytic coating detached as 
a powder, which settled to the bottom of the anode bags. Removal of 
additional rods resulted in even higher CECoOOH values. 
 
The measured cell voltage as a function of anodic current density is 
presented in Fig. 4.56 b). The energy efficient box anodes operated at close 
to 3 V, whereas with the anodes from which rods had been removed twice, 
the cell voltage was more than 4.5 V. As a consequence of the increased 
current density, the temperature of the catholyte was 62°C. A mirror image 
of the anode grid structure created by nodules had also developed on the 
surface of the cobalt cathodes, indicating that in this case the distance 
between the rods was too large for proper distribution of the current over the 
cathode surface. Despite the lack of uniform current distribution, CECo and 
the composition of the anode gas seemed to be only moderately affected by 
changes in the anode surface area. 
 
When comparing the effect of current density on the anode scaling process 
observed in the pilot experiments with the laboratory results, it is obvious 
that a disagreement exists. The pilot results indicate that CECoOOH increases 
with increasing current density, whereas the laboratory work showed the 
opposite trend in the same current density range (see section 4.2.1.7). The 
reason for this discrepancy is unclear, as there may be several plausible 
explanations. The lab experiments were carried out at higher pH, ~1.5 when 
measured at room temperature, and the observed maximum in the CECoOOH 
vs. current density curve may be shifted to higher current densities when the 
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pH is decreased. More oxygen is evolved at higher pH, and the effect of 
current density on the change in local pH at the anode surface may be a 
function of electrolyte acidity. Furthermore, the influence of the induction 
period, i.e. the time from the start of electrolysis to the anode surface is 
covered by cobalt oxide, is probably more important at low pH. In the case 
of varying the anode surface area, the thickness of the cobalt oxide layer will 
be lower on the anodes having a high surface area, like the box anodes. 
Consequently, the contact area between the anode deposit and the electrolyte 
will be larger, facilitating dissolution of scale in the time period between 
electrowinning and etching. It should also be noticed that in additional tests 
not part of this work, box anodes were found to generate more cobalt oxide 
than regular rod anodes, at pH ~1.2 (1 month in operation) and pH ~1.5 (24 
hours). 
 
A group of worn rod anodes that were sandblasted were also tested as anodes 
for cobalt electrowinning at standard conditions. Analysis indicated that 
traces of noble metals were still present on the anode surface after 
sandblasting. These anodes exhibited excellent current distribution between 
the electrodes, and the cell voltage and the anode gas composition were both 
stable at normal levels. The quantity of CoOOH deposited was similar to 
coated anodes, CECoOOH varying from 0.012 to 0.026 % with the average 
value 0.016 % (all 6 anodes were etched). Very little deposit was observed at 
the bottom of the anode bags, indicating a relatively strong bonding to the 
anode structure. 
 
 
4.3.2.2 Effects of anode suction 
 
According to the proposed theory of H+ ion migration described in 
Appendix, increased rates of anolyte flow should lower the pH inside the 
anode compartments as long as it is higher than the catholyte pH. When 
performing cobalt electrowinning in divided cells from sulphate solution, the 
acidity of the anolyte is much higher due to oxygen evolution only. Hence, 
the situation is opposite, and a low flow rate of electrolyte into the anode 
compartments has been recommended to attain a low anolyte pH, thereby 
suppressing the anodic deposition of cobalt oxide on the lead anodes [70]. 
 
The application of a higher suction from the anode hoods is one alternative 
way of increasing the anolyte flow. To elucidate the effects on the cobalt 
electrowinning process, anode suctions of 51, 76 and 104 millimetre water 
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gauge were applied in three individual experiments. As shown in Appendix 
Fig. A.6 b), the flow of anolyte increased linearly with suction within the 
range being studied, from 50 to 133 l/h,anode. A decline in anode scaling 
was obtained when the suction was increased (Fig. 4.57 a)), brought about 
by the lowering of ∆pH, which was in perfect agreement with the calculated 
values (Fig. 4.57 b)). 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
Figure 4.57 Effect of anode suction on a) current efficiency for anodic 
cobalt oxide deposition and b) difference in pH between the 
anolyte and the catholyte. 
 
CECo and the cell voltage were only moderately affected by anode suction, 
see Figs. 4.58 a) and b). However, at the lowest applied suction, a faint smell 
of chlorine was recognized in the air surrounding the cell. In this case, the 
velocity of electrolyte flow through the diaphragm was not sufficiently high 
to completely avoid back-diffusion of chlorine. Chlorine in the catholyte will 
also be reduced on the cathodes, thus having a negative effect on CECo. 
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Figure 4.58 Effect of anode suction on a) cathodic current efficiency for 
cobalt and b) cell voltage. 
 
 
4.3.2.3 Effects of inlet flow rate 
 
Another means of increasing the anolyte flow rate is simply by pumping 
more feed electrolyte into the electrolytic cell. The higher catholyte level 
thus obtained imply that the distance the anolyte has to be lifted inside the 
hoods in order to reach the overflow duct will be reduced. Provided that the 
anode suction is maintained, a higher anolyte flow will then be achieved. In 
fact, a dual pH effect is associated with increased inlet flow rates. In addition 
to reduced ∆pH values between the anolyte and the catholyte, the shorter 
electrolyte residence time in the cell will lower the pH of the catholyte, 
which is normally higher than the inlet pH, owing to cathodic hydrogen 
evolution. 
 
The effect of the flow rate of feed electrolyte was studied between 0.6 and 
3.5 m3/h, the other parameters being held at the standard conditions given in 
Table 4.8. Fig. 4.59 a) shows that the extent of anode scaling was reduced by 
one half when the inlet flow rate was increased from 0.6 to 3.5 m3/h. The 
measured catholyte level differed by ~18 mm. Furthermore, the catholyte pH 
decreased by 0.05 pH units, and the anolyte flow rate increased from 68 to 
113 l/h,anode (Appendix Fig. A.7 b)), both lowering the anolyte pH. The 
contributions of 0.05 pH units from the reduced catholyte pH and 0.03 pH 
units from the reduced ∆pH value (Fig. 4.59 b)) resulted in a reduction of the 
anolyte pH by 0.08 pH units. 
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Figure 4.59 Effect of inlet flow rate on a) current efficiency for anodic 
cobalt oxide deposition and b) difference in pH between the 
anolyte and the catholyte. 
 
As illustrated in Fig. 4.60 a), CECo declined somewhat at higher inlet flow 
rates due to the lower catholyte pH. The cell voltage was scarcely influenced 
by increasing inlet flow rate (Fig. 4.60 b)). 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
Figure 4.60 Effect of inlet flow rate on a) cathodic current efficiency for 
cobalt and b) cell voltage. 
 
 
 
 
0
0.04
0.08
0.12
0.5 1.5 2.5 3.5
Inlet flow rate (m3/h)
∆
pH
Experimental
Calculated
b)
80
85
90
95
100
0.5 1.5 2.5 3.5
Inlet flow rate (m3/h)
CE
Co
 
(%
)
a)
3
3.2
3.4
3.6
3.8
0.5 1.5 2.5 3.5
Inlet flow rate (m3/h)
Ce
ll v
o
lta
ge
 
(V
)
b)
0
0.01
0.02
0.03
0.04
0.5 1.5 2.5 3.5
Inlet flow rate (m3/h)
CE
Co
O
O
H
 
(%
)
Reg
Reg*
a)
 4.3   Pilot scale experiments 195 
4.3.2.4 Hydrochloric acid addition to anode compartments 
 
In the previous two sections it was demonstrated that the pH in the anode 
compartments can be modified by varying the anolyte flow rate. However, 
the effect was rather limited, and in order to achieve larger negative ∆pH 
values across the diaphragm, acid must either be generated inside or 
introduced directly into the anode bags. Results from pilot scale experiments 
involving the latter concept are reported below. 
 
Concentrated HCl was pumped continuously into each of the six anode 
compartments via tubes going through the top of the hoods and ending close 
to the bottom of the bags. The results from the electrowinning of cobalt with 
HCl addition to the anodes are summarized in Table 4.10. In the first 
experiment, 0.6 l/h HCl was distributed between the anodes, the quantity 
being almost large enough to substitute the acid usually added to the mixing 
tank to keep the pH constant. The anolyte pH became lower than the 
catholyte pH, and CECoOOH dropped to less than one half relative to without 
HCl. 
 
Table 4.10 Summary of results from the addition of HCl to the anode 
compartments. 
∆pH CECoOOH HCl to 
anodes 
Catholyte 
pH Exp. Calc. CECo Reg Reg* 
(l/h)    (%) (%) (%) 
0.6 1.10 -0.06 -0.08 90.7 0.004 0.008 
2.3 1.11 -0.30 -0.36 89.7 0.0014 0.0012 
4.4 1.61 -0.95 -1.08 94.9 0.0005 0.0002 
 
Since cobalt oxide deposits were still growing on the DSA® anodes, the HCl 
addition was increased to 2.3 l/h in the second experiment. In this case, the 
excess acid had to be neutralized in the mixing tank by pumping in slurry of 
basic cobalt carbonate in cobalt electrolyte produced in the Xstrata 
Nikkelverk cobalt refinery. The measured anolyte pH was now as low as 0.8, 
and only small amounts of anode scale were formed. 
 
The possibility of operating at a lower catholyte acidity to increase cobalt 
current yield was also tested with simultaneous control of the anode scaling 
by acid addition to the anode compartments. By adding 4.4 l/h HCl to the 
anodes and then CoCO3 to the mixing tank to raise the inlet pH to 1.6, a high 
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CECo of 95 % was obtained with only traces of CoOOH deposited on the 
anodes. Due to the high electrolyte flow rates into the anode bags, transport 
of H+ ions to the cathode compartment was minimized, and high negative 
∆pH values could be maintained across the diaphragm. However, both CECo 
and the calculated ∆pH values (Appendix section A.3.7) indicated that some 
of the added acid ended up in the catholyte. Most of the electrolyte is 
entering the lower parts of the anode compartments because the difference in 
hydrostatic pressure across the diaphragm increases with depth below the 
electrolyte surface [20]. Therefore, some of the acid might have diffused to 
the catholyte from the upper parts of the bags where the electrolyte velocity 
through the diaphragm is lower. Compared to the experiments performed at 
high acidity without HCl addition to the anodes, slightly higher CECoOOH 
values were obtained at similar anolyte pH. This may be explained by 
concentration gradients of protons within the anode bags, despite the mixing 
generated by gas bubble formation. 
 
From a theoretical point of view, acidification of the anolyte by introducing 
HCl during cobalt electrowinning seems like a good idea, but there are some 
practical concerns associated with it. The large quantities of acid required 
will be challenging for the volume balance of the tankhouse, and 
neutralization of the electrolyte before it is returned to the electrowinning 
cells will add to the operating costs. Handling of strong acid in a myriad of 
small tubes is also a potential health hazard. 
 
 
4.3.2.5 Hydrogen peroxide addition to the electrolyte 
 
As described in section 4.2.3, H2O2 has been suggested as an additive to 
suppress anode scaling during electrowinning of cobalt. Two pilot scale 
experiments are reported, where H2O2 (35 %) was added either to the feed 
electrolyte or pumped directly into the anode compartments using the same 
equipment as used for HCl. The results presented in Tables 4.11 and 4.12 
support the conclusions made from the work on H2O2 carried out in the 
laboratory cell. H2O2 was consumed both on the cobalt cathodes and by 
reaction with dissolved chlorine in the anode bags, leading to reduced CECo 
and acidified anolyte respectively. When H2O2 was added to the anodes, 
CoCO3 slurry had to be used as neutralization agent in the mixing tank. A 
marked increase in the O2 : Cl2 ratio of the anode gas was another indication 
of the reaction between H2O2 and Cl2, equation 4.8. The drop in anolyte pH 
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lowered the rate of cobalt oxide deposition, while the recorded cell voltage 
was not influenced by the H2O2 addition. 
 
Table 4.11 Summary of results from the addition of H2O2 to the electrolyte. 
Anode gas CECoOOH H2O2 addition Catholyte pH 
Cell 
voltage Cl2 O2 
CECo Reg Reg* 
(l/h)   (V) (%) (%) (%) (%) (%) 
0.9 To inlet 1.12 3.6 88 10 82.7 0.016 0.012 
1.2 To anodes 1.07 3.4 63 32 88.3 0.0010 0.0004 
 
In order to further clarify the behaviour of H2O2 in the present system, a few 
simple calculations were made, see Appendix section A.3.8 and Table 4.12. 
When the calculated differences in pH between the anolyte and the catholyte 
were based on the measured oxygen content in the anode gas, assuming that 
all O2 was formed by reaction with Cl2, they agreed well with the measured 
∆pH values. This fact suggests that most of the H2O2 had decomposed inside 
the anode bags, indicating a quite rapid reaction rate (mean residence time of 
anolyte in the bags typically < ½ h). However, lower redox potential in the 
dechlorinated anolyte demonstrated that some H2O2 was transported to the 
dechlorination facility, making the chlorine removal more efficient. 
Decomposition of H2O2 according to equation 4.6 also appears to be of 
minor importance, since acid is not formed by this reaction. 
 
Table 4.12 Experimental and calculated differences in pH between the 
anolyte and the catholyte during H2O2 addition. 
H2O2 addition Calculated ∆pH 
(l/h)  
Measured 
∆pH Based on O2 Based on H2O2 
0.9 To inlet -0.14 -0.10 -0.02 
1.2 To anodes -0.32 -0.34 -0.37 
 
In the case where the ∆pH values were calculated from the rates of H2O2 
addition, assuming complete conversion in the anode compartments by 
reaction with excess Cl2, the measured anolyte pH was considerably lower 
than the calculated value when H2O2 was added to the inlet. It is believed 
that this can be attributed to build-up of H2O2 in the system due to 
incomplete decomposition at the cathodes. The concentration of H2O2 in the 
electrolyte sucked into the anode bags will, therefore, increase over time, 
which results in a lower anolyte pH. Higher CECoOOH values compared to 
results obtained at similar anolyte pH levels without H2O2 addition may be 
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explained by concentration gradients of protons in the anode compartments 
and continued decrease in pH during dechlorination (the pH was measured in 
the electrolyte leaving the dechlorination facility). The ~3 % decrease in 
CECo when H2O2 was added to the anodes is ascribed to diffusion of H+ and 
H2O2 to the catholyte from the upper part of the anode bags, or H2O2 passing 
through the dechlorination step, thereby ending up in the feed solution. 
 
 
4.3.2.6 Stability of anode deposit 
 
Fresh cobalt oxide deposited anodically on DSA® anodes was found to 
dissolve in acidic cobalt chloride electrolyte at open circuit potential (OCP), 
see section 4.2.4.2. The stability of the anode deposit produced in the 
electrowinning pilot plant was also studied. Subsequent to electrowinning at 
the standard conditions in Table 4.8, the recoated rod anodes remained in the 
cell for 0.5, 1 and 1.5 hours at OCP before being removed and etched. For 
withdrawal of chlorine from the anodes, the same suction was applied after 
interruption of electrolysis, and the anolyte contained in the anode 
compartments was then replaced by Cl2-free catholyte. 
 
The amount of anode deposit is shown as a function of time at OCP in Fig. 
4.61. It is obvious that CoOOH dissolved, although the rate of dissolution 
seemed to be reduced with time. A similar but more dramatic trend was 
observed in the laboratory, despite the higher electrolyte pH level (Fig. 
4.40). The fact that the estimated thickness of the cobalt oxide film was 
almost one order of magnitude larger in the pilot plant experiment was 
probably one important factor with respect to its stability. In a preliminary 
test, where the anodes were left in the cell for three days after one day of 
electrolysis, no remaining cobalt oxide deposit was found, neither on the 
rods nor at the bottom of the bags. 
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Figure 4.61 Quantities of anode deposit measured for anodes kept at open 
circuit potential for different time periods after electrowinning 
at standard conditions. 
 
 
4.3.2.7 Periodically interrupted current (PIC) 
 
Since the anode scale was not completely stable when the current was 
switched off and the pilot plant power supply could operate in PIC mode, it 
was decided to perform a set of cobalt electrowinning experiments involving 
this type of advanced current supply. The frequency was varied from 24 
hours (1.2 · 10-5 s-1) to 0.9 seconds, and the current on-time was set to 90 %. 
To counteract the negative effect of the off-time on productivity, the 
cathodic current density in the on period was increased by 10 % to 231 
A/m2. The electrowinning time was 24 hours except for the experiment with 
24-hour frequency, which lasted for 72 hours. All experiments were 
terminated at the end of a current off period. 
 
Fig. 4.62 a) shows that at the highest frequencies, PIC-type electrolysis did 
not have a large effect on CECoOOH. On the other hand, when the frequency 
was as low as 24 hours, the build-up of anode scale was reduced 
considerably. In this case, the current off-time of 2.4 hours was sufficiently 
long for most of the chlorine to be removed from the anode compartments. 
In addition, the anolyte pH decreased and became similar to the catholyte pH 
due to the absence of H+ migration when the current was switched off. Both 
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lower redox potential in solution, i.e. less dissolved Cl2, and lower pH will 
enhance the dissolution rate of cobalt oxide. As illustrated in Fig. 4.62 b), 
CECo was not dependent on the PIC frequency. The measured anode gas 
composition was ~98 % Cl2 and ~1 % O2 in all experiments. 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
Figure 4.62 Effect of PIC frequency on current efficiency for a) anodic 
cobalt oxide deposition and b) cathodic cobalt deposition. 
 
 
4.3.2.8 Short-circuiting of the electrowinning cell 
 
In the laboratory part of the present work, it was found that the dissolution of 
cobalt oxide on DSA® was accelerated if the electrochemical cell was short-
circuited subsequent to electrolysis, see section 4.2.4.4. To see if a similar 
effect could be obtained with full-size electrodes, the pilot electrowinning 
cell was short-circuited after 24 hours of standard cobalt electrowinning. 
Three aluminium cables (400 mm2, 6 m) in parallel were bolted to the anode 
and the cathode bus bar respectively, and the opposite ends were connected 
to an air-driven switch made of copper. 30 seconds after interruption of 
electrolysis, the cell was short-circuited. The discharge current was recorded 
by measuring the potential drop across a shunt. Following 20 minutes of 
shorting, two of the anodes were removed from the cell and then etched for 
determination of the amount of remaining anode deposit. 
 
The discharge current recorded during short-circuiting is presented in Fig. 
4.63. Due to the high concentration of chlorine at the DSA® surface, the 
initial discharge current was very high. The first current recorded was 1170 
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A, representing almost 60 % of the total current load during electrowinning 
at standard conditions. However, it decreased rapidly with time, and after 1 
minute it was less than 150 A. Just before anode removal, the shorting 
current had dropped further to only 18 A. 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
Figure 4.63 Discharge current during short-circuiting of the electrowinning 
cell subsequent to electrolysis. 
 
As opposed to the laboratory results, short-circuiting of the pilot cell seemed 
to reduce the amount of cobalt scale only slightly. CECoOOH values of 0.004 
and 0.009 % were obtained for the worn Reg* anode and the recoated Reg 
anode respectively, however, the average anolyte pH was as low as 1.09. The 
quantity of deposit at the bottom of the bags appeared to be larger than 
normal, and the short-circuiting will of course have only minor effect on 
CoOOH particles not in contact with the DSA® structure. Compared to the 
lab scale tests, the combination of higher concentration of dissolved chlorine 
and thicker cobalt oxide films was probably impeding the effective 
dissolution of anode scale when short-circuiting the pilot cell. The cathodic 
current efficiency for cobalt was ~2 % lower than without shorting, while the 
total electric charge based on the recorded discharge current represented only 
0.04 % of the charge applied during electrowinning. The reason for the low 
CECo is not known. 
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4.3.3 Evaluation of experimental techniques 
 
4.3.3.1 Determination of the extent of anodic cobalt oxide formation 
 
It is evident that several of the shortcomings reported for the laboratory work 
were relevant for the pilot work as well, see section 4.2.5. The anodically 
deposited cobalt oxide was not stable in the electrolyte (Fig. 4.61), resulting 
in partial dissolution in the time period between electrowinning and anode 
removal. The anodes could not be lifted out of the cell before most of the 
toxic chlorine was withdrawn, but this time period was kept to a minimum. 
There was still some chlorine in the anodes when they were removed, and 
gas masks had to be used. The first anode was lifted out of the cell 15 – 20 
minutes after electrolysis, and the operation took a couple of minutes per 
anode. To stabilize the anode deposit, the anodes were filled with water 
immediately after being removed from the cell. No clear trend was found 
between CECoOOH and the order of anode removal from the cell. If longer 
term experiments had been employed, more CoOOH would have been 
produced, reducing the influence of dissolution. However, the number of 
experiments would then have been lower, and the consequence of 
operational problems would have been larger. Different kinds of operational 
problems occurred from time to time, after which the experiment had to be 
stopped and then restarted with cleaned anodes. 
 
The extent of cobalt oxide peeling off the anodes, which was included in 
CECoOOH for the pilot experiments, was dependent on the type of anode. 
Using worn rod anodes, sandblasted anodes and box anodes, there were only 
traces of deposit at the bottom of the bags after 24 hours of standard 
electrolysis, while using recoated rod anodes, roughly 15 % of the cobalt 
oxide was found in the bags. This material is no longer anodically protected, 
which means that at least some of it should dissolve. Furthermore, smaller 
particles detached from the anode surface may not settle, and will instead be 
transported out of the anode compartments along with the anolyte. To get an 
idea of the extent of this loss of CoOOH, a portion of the Cl2-saturated 
anolyte in the manifold was filtrated continuously throughout one of the 
experiments. The material separated from the anolyte represented only about 
1 % of the total amount of CoOOH produced. 
 
The low concentration of cobalt and chloride ions in the etching solution was 
a major problem in the laboratory when determining CECoOOH by the 
chemical route, especially when small quantities of scale were formed. In a 
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typical pilot scale experiment, the cobalt concentration increased by 50 mg/l 
per anode compared to 6 mg/l in the lab. Due to the higher concentrations in 
the pilot experiments, the influence of the imprecise chloride analysis was 
lower. 
 
 
4.3.3.2 Variation of electrolyte pH between anode compartments 
 
In the majority of experiments, the CECoOOH was determined for two or more 
anodes, and the variation between the anodes was usually relatively large. 
During electrowinning at standard conditions, anolyte from each anode was 
sampled and cooled to room temperature for individual pH measurement. 
The results given in Table 4.13 show that the pH differed by as much as 0.06 
pH units, which may explain why some anodes generated more cobalt oxide 
than others. 
 
Table 4.13 Measured pH in electrolyte from individual anodes and the 
common dechlorinated anolyte. 
Anode position 
in the cell pH 
1 (inlet) 1.06 
2 1.12 
3 1.06 
4 1.06 
5 1.12 
6 (outlet) 1.09 
After dechlor. 1.08 
 
Several factors may have contributed to the difference in pH observed 
between the anode compartments, e.g. pH gradients in the catholyte and 
variations in anolyte flow rates, current distribution and O2 : Cl2 selectivity. 
Analysis of electrolyte sampled from different positions of the cathode 
compartment indicated that the catholyte had a very uniform composition, 
see Appendix, and no clear trend was found between CECoOOH and anode 
position. 
 
Only the total anolyte flow was measured. However, it is believed that it 
could vary significantly between the anodes, owing to small differences in 
the distance from the catholyte level to the anolyte overflow ducts, the 
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negative pressure inside the hoods, the volume of the anode bags and the 
permeability of the diaphragms. The latter was found to be different in two 
tests carried out in January and March 2005, in which the anolyte flow rate 
was measured as a function of the applied suction. The results are illustrated 
in Fig. 4.64, and it is obvious that the permeability of the diaphragms was 
higher in January than in March. The experiments involving high pH values 
in the feed electrolyte were carried out in January 2005, and it is believed 
that the high anolyte flow rates observed in those experiments can be 
attributed to high diaphragm permeability (see section 4.3.1.2 and Appendix 
section A.3.1). For practical reasons, the anodes were equipped with new 
anode bags after etching. In order to reduce the noise in the results caused by 
variation in permeability, the same bags should have been used in many 
experiments, or alternatively, using cloth from the same roll only. 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
Figure 4.64 Anolyte flow vs. anode suction measured during electrowinning 
at standard conditions in January and March 2005. 
 
The current distribution was normally good, the current being typically 200 – 
230 A to each end anode and 370 – 410 A to each of the other anodes at 
standard conditions. It was also very stable during electrolysis. Whether 
differences existed in the selectivity between chlorine and oxygen evolution 
is not known, since only the composition of the mixed anode gas was 
measured. Cobalt oxide seemed to be formed preferentially on some anodes 
compared to others of the same type. To avoid uncertainties related to 
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individual differences between anodes, CECoOOH was determined for the 
same Reg* anode in all experiments where regular rod anodes were used. 
 
 
4.3.3.3 Variations in operating conditions 
 
For the experiments where the cobalt set point was equivalent to the standard 
value of 55 g/l (49 experiments), the chemical analysis of the sampled feed 
electrolyte varied from 53 to 59 g/l Co, with average value 55 g/l and 
standard deviation 1.4. The chloride content varied from 68 to 76 g/l, with 
average value 72 g/l and standard deviation 1.9. The sodium concentration 
was analysed in a few experiments, and it varied between 2 and 4 g/l. Once, 
concentrations of a range of elements were determined, and the composition 
was similar to the electrolytes used in the laboratory, see Table 3.1, with the 
exception of lower sulphate content (0.08 g/l). The electrolyte pH was a very 
critical factor in the investigated system. It was the most difficult parameter 
to control within acceptable limits, due to drifting of the pH electrode, small 
fluctuations in the temperature in the mixing tank etc. 
 
The applied anode suction was adjusted manually as described in section 
3.2.1. Therefore, when changes occurred in the operating conditions of the 
chlorine vacuum system in the nickel tankhouse, those were not 
compensated for, resulting in variations in the anode suction and thus the 
anolyte flow. In most of the experiments, the anode suction did not vary 
more than ± 5 mm water gauge. 
 
The fact that several parameters could change simultaneously was another 
disadvantage related to the pilot work, which complicated the interpretation 
of the results. For example, when studying the effects of current density, the 
electrolyte temperature and the anolyte flow were also affected. This 
problem could have been reduced by adjusting the conditions in the mixing 
tank and the applied anode suction, but it would have taken some time to 
find the correct settings. 
 
 
4.3.3.4 Analysis of anode gas composition 
 
When measuring the composition of the anode gas with the Orsat apparatus, 
the gas was not dried prior to analysis. When saturated with water at 60°C, it 
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was calculated that the anode gas should contain approximately 20 % H2O. 
Most of the water vapour was probably absorbed along with the chlorine gas, 
giving chlorine contents higher than the actual levels. On the other hand, the 
presence of typically ~1 % nitrogen in the anode gas indicated that parts of 
the measured oxygen concentration originated from dilution by air. Hence, 
both the Cl2 and the O2 contents measured were too high, suggesting that the 
O2 : Cl2 ratio was less affected. The extent of air dilution was increased at 
low currents and high anode suctions. In any case, it was difficult to 
determine the oxygen concentration accurately, due to its low concentration 
relative to that of chlorine. Absorption of the water content was tested in 
concentrated sulphuric acid, however, it was unsuccessful because some of 
the chlorine was co-absorbed. 
 
 
4.3.3.5 Cobalt metal deposition 
 
If dissolved chlorine is present in the catholyte, CECo will be negatively 
affected due to the reduction of chlorine on the cobalt cathodes. In a separate 
series of tests, the efficiency of anolyte dechlorination was examined under 
various conditions. By iodometric titration, the concentrations of chlorine in 
the anolyte leaving the dechlorination facility were found satisfactory with 
less than 10 mg/l Cl2. At standard conditions, the chlorine content was 
approximately 1 mg/l in the dechlorinated anolyte. 
 
In preliminary pilot experiments on the electrowinning of cobalt, titanium 
mother blanks were used as cathodes. Parts of the deposited cobalt sheets 
had a tendency to detach from the titanium surface due to internal stresses in 
the metal. As a consequence, some of the anode bags were ripped apart when 
the cathodes were harvested. In addition, inhibited metal deposition at the 
solution level was also experienced, probably related to the presence of 
organic material originating from the cobalt solvent extraction plant. These 
problems were overcome by using cathodes in the form of cobalt starting 
sheets. 
 
 
Summary 
 
The electrowinning of cobalt from chloride solution was investigated on a 
pilot scale, focusing on the undesirable deposition of cobalt oxide on DSA® 
anodes. In accordance with results obtained in laboratory scale experiments, 
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the anode scaling was found to be highly dependent on electrolyte pH. By 
operating at reduced pH levels, the anodic formation of cobalt oxide could 
be inhibited. The extent of scaling was also reduced by a decrease in cobalt 
concentration or temperature. However, these changes resulted in a drop in 
the cathodic current efficiency for cobalt and higher cell voltage, with 
adverse effect on productivity and energy consumption. The anode gas 
typically contained 98 % chlorine, 1 % oxygen and 1 % nitrogen, and the 
selectivity was not dependent on the thickness of the cobalt oxide film on 
DSA®. 
 
At regular conditions, the pH in the anode compartments was higher than in 
the cathode compartment. This difference in pH was explained by little 
anodic oxygen evolution combined with hydrogen ions taking part in the 
current transport across the diaphragm, thus migrating out of the anode bags 
towards the cathodes. To support this view, the anolyte pH was estimated 
from the proton balance for an anode compartment, showing excellent 
agreement with the experimental results. As a consequence, the anolyte pH 
was decreased by increasing the rate of anolyte flow, suppressing the 
formation of cobalt oxide. When hydrochloric acid was added inside the 
anode bags, a large difference in pH was obtained between the anolyte and 
the catholyte. The cobalt current yield was then improved by increasing the 
pH of the feed electrolyte, with simultaneous inhibition of anode scaling. 
The build-up of anode scale was also reduced by periodically interrupted 
current at very low frequency, while the effect of cell short-circuiting was 
small. 
 
The amount of cobalt oxide varied considerably between the anodes in the 
cell. This was partly due to different pH in each anode compartment, mainly 
caused by variation in anolyte flow rate. The degree at which cobalt oxide 
flaked off the anodes during electrowinning was dependent on the type of 
anode. 
 
 
4.4 Suggestions for further work 
 
• Examination of side reactions by experimental techniques is not an easy 
task. The measurements are often dominated by the main reaction, like 
chlorine evolution on DSA® in cobalt electrowinning from chloride 
solutions. The low current efficiency for anodic deposition of cobalt 
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oxide (CECoOOH) in acidic media may explain the lack of information 
about this process in the literature. Several studies have been published 
for neutral systems, where cobalt is stabilized in solution by complexing 
agents. However, the behaviour in acidic solutions having much higher 
concentrations of free cobalt ions is probably different, and a 
fundamental mechanistic study of cobalt oxide nucleation and growth on 
foreign substrates from such solutions is therefore desired. To suppress 
gas evolution, electrode materials like boron-doped diamond can be 
applied. Induction period and CECoOOH values may be readily obtained 
using an electrochemical quartz crystal microbalance. Nucleation 
overpotentials and reaction orders can be determined by anodic 
polarization at constant potential. 
 
• Since stationary electrodes were employed in the present work, it is 
believed that the measured results were influenced by a lower pH at the 
DSA® surface than in the bulk solution, due to simultaneous oxygen 
evolution. This pH gradient can be effectively reduced by using a 
rotating disk electrode. 
 
• The present work has demonstrated that the nucleation and initial growth 
of cobalt oxide are highly dependent on the anode material. A huge 
number of different mixed oxide coatings is available, and some of these 
should be tested for cobalt electrowinning. Coatings that favour oxygen 
evolution are of particular interest, due to the lower surface pH. 
 
• Industrial electrolytes always contain trace amounts of impurities. Some 
of these may play a role in the deposition of cobalt oxide, e.g. Mn, Pb, Si 
and organic material. The influence of certain impurities should be 
investigated. 
 
• Cobalt oxide films deposited on DSA® can be characterized by cyclic 
voltammetry in alkaline solution. In this way electrochemically active 
surface area, diffusion limitations in the film and the effect of the 
underlying DSA® can be studied vs. film thickness, conditions during 
deposition etc. 
 
 
  
 
 
 
 
Chapter 5 
 
 
CONCLUSIONS 
 
 
Electrowinning of cobalt from chloride solutions was investigated in a 
laboratory cell and in a pilot cell equipped with electrodes of the same size 
and design as in the cobalt tankhouse at Xstrata Nikkelverk AS, 
Kristiansand, Norway. Most of the attention was paid to the undesirable 
deposition of cobalt oxide scale on dimensionally stable anodes (DSA®). The 
effects of key electrowinning parameters were studied, and alternative ways 
to suppress the extent of anode scaling were tested. 
 
The black anode scale from industrial cells contained approximately 60 wt-
% cobalt in dry form, and it was identified as alpha cobalt oxyhydroxide (α-
CoOOH, heterogenite 3R). Fresh cobalt oxide films prepared in the 
laboratory appeared to be less crystalline than anode scale produced in the 
Xstrata Nikkelverk cobalt tankhouse. The anode deposit was growing all 
over the DSA® surface, and it was a good electrocatalyst for chlorine 
evolution. The anode gas measured in the pilot plant typically contained 98 
% chlorine, 1 % oxygen and 1 % nitrogen. 
 
The anodic deposition of cobalt oxide was accelerated at high pH, high 
cobalt chloride concentration and high temperature. Anode scaling was 
totally inhibited at lower pH, while at pH values higher than 2, cobalt oxide 
precipitated also in the bulk solution. The scaling reaction was found to be 
activation controlled, and the anodic current efficiency for CoOOH 
deposition was reduced when increasing the current density at higher pH. 
Sulphate ions were present in the anode deposit, and they were found to 
inhibit the growth of cobalt oxide. 
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DSA®-type anodes prepared at reduced decomposition temperatures had less 
crystalline coatings compared to commercial coatings, and the electro-
chemically active surface area was increased. These electrodes operated at 
lower anode potentials, and the extent of cobalt oxide formation was 
considerably suppressed. Cobalt oxide was also formed on graphite and pure 
titanium anodes, activating these anode materials for chlorine evolution. Due 
to the presence of the cobalt oxide film, the titanium electrode was not 
passivated. 
 
In most of the pilot experiments, the pH in the anode compartments was 
higher than in the cathode compartment. This was explained by low rates of 
anodic oxygen evolution combined with migration of protons towards the 
cathodes. As a consequence, the anolyte pH was lowered by increasing the 
anolyte flow rate, resulting in less cobalt oxide being generated on the 
anodes. 
 
The experimental results clearly demonstrated that several of the possible 
methods to suppress anode scaling had detrimental effect on other important 
parameters of the cobalt electrowinning process. Lower electrolyte pH, 
cobalt chloride concentration or temperature resulted in reduced cathodic 
current efficiency for cobalt and increased cell voltage, with adverse effect 
on productivity and energy consumption. The DSA® coatings prepared at 
reduced temperatures were shown to be less stable than the commercial 
coatings, giving shorter anode service life. Furthermore, hydrogen peroxide 
added to the electrolyte was consumed at the cathodes, and the anodic 
current efficiency for chlorine was negatively affected. The slow rate of 
cobalt oxide dissolution hindered effective use of advanced current supply, 
along with possible internal stresses in the cobalt metal deposit and 
accelerated degradation of the DSA® coating. 
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LIST OF SYMBOLS 
 
Roman symbols and abbreviations 
 
Symbol Explanation Unit 
A Constant in expression for mean activity coefficient developed by Debye and Hückel (mole/kg H2O)
-1/2 
a Ionic activity  
aw Water activity  
aw,mix Water activity in mixed solution  
aw
° Water activity of pure solution with same ionic strength as 
the total ionic strength of the mixed solution  
a± Mean ionic activity  
å Ion-size related parameter in expression for mean activity 
coefficient developed by Debye and Hückel m 
ads Adsorbed on electrode surface  
B Constant in expression for mean activity coefficient developed by Debye and Hückel (mole · m
2/kg H2O)-1/2 
B Constant specific to type of background chloride salt in 
expression for chloride activity given by Bjerrum M
-1
 
b Parameter extending the validity range of Debye and Hückel’s expression for the mean activity coefficient (mole/kg H2O)
-1
 
bCl2 Tafel slope for chlorine evolution mV/decade 
C Concentration M or mg/l 
Cel Concentration in electrolyte g/l 
C◦ Initial concentration in etching solution mg/l 
CD Current density A/m2 
CE Current efficiency = current yield % 
CoOOH Cobalt oxyhydroxide  
CV Cyclic voltammetry  
D Diffusion coefficient m2/s 
Deg Degrees  
DRC Democratic Republic of Congo  
DSA® Dimensionally stable anode  
E Potential V 
Ea Anode potential V 
Eavg Average anode potential V 
EJ Liquid junction potential V 
Erev Reversible potential V 
E° Standard potential V 
E’ Parameter for temperature compensation of pH 
measurement V/°C 
EDS Energy dispersive spectroscopy  
emf Electromotive force V 
EPDM Ethylene propylene diene monomer  
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Symbol Explanation Unit 
ESA Extended surface area  
F Faraday constant (96487) C/mole 
F Flow rate l/h or l/(h · anode) 
GRVE Glass fibre reinforced vinyl ester  
h Hydration number  
h◦ Hydration number at infinite dilution  
I Ionic strength mole/kg H2O 
I Current A or A/anode 
i Current density A/m2 
Isweep Average current for potential sweep A 
Itot Total ionic strength of mixed solution mole/kg H2O 
J Flux of protons mole/h 
JCPDS Joint Committee on Powder Diffraction Standards  
K Equilibrium constant  
Kn Stepwise stability constant M-1 
LSV Linear sweep voltammetry  
M Atomic weight g/mole 
m Molality mole/kg H2O 
m± Mean molality mole/kg H2O 
Mez+ Metal ion  
mm w.g. Millimetre water gauge  
mt Metric tonne  
Nanode Number of anodes  
NMR Nuclear magnetic resonance spectroscopy  
NOK Norwegian kroner  
OCP Open circuit potential V 
org Organic phase  
p.a. Pro analysi  
PIC Periodically interrupted current  
ppm Parts per million  
PRC Periodically reversed current  
PVDF Polyvinylidene fluoride  
QEW Electric charge applied during electrolysis C 
q* Voltammetric charge mC/cm2 
R Universal gas constant (8.314) J/(K · mole) 
R Ohmic drop Ω 
Reg Regular anode  
Reg* Worn regular anode  
rpm Revolutions per minute min-1 
S Surface active site  
s 
Sensitivity parameter correcting deviation from Nernstian 
behaviour of pH electrode  
SCE Saturated calomel electrode  
SEM Scanning electron microscopy  
SHE Standard hydrogen electrode  
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Symbol Explanation Unit 
T Temperature K or °C 
t Duration of potential sweep s 
t Transport number  
tc Cation transport number  
tforward Pulse time in forward direction s 
treverse Pulse time in reverse direction s 
t1/2 Half-life days 
U Cell voltage V 
U Parameter in Henderson equation mole/(Ω · m4) 
u Mobility mole · m2/(J · s) 
V Parameter in Henderson equation mole/(Ω · m4) 
V Volume of etching solution ml 
VO2 Volume fraction of oxygen in anode gas % 
W Parameter in expression for water activity in mixed solution  
WCo Mass of deposited cobalt metal g 
X Cation ionic strength fraction in mixed solution  
X Rate of proton formation mole/h 
XRD X-ray diffraction analysis  
Y Fractional molality in mixed solution  
z Charge number  
 
 
Greek symbols 
 
Symbol Explanation Unit 
β 
Slope in logarithmic plot of hydration number vs. water 
activity  
βn Cumulative stability constant M-n 
Γ Reduced activity coefficient  
Γ° 
Reduced activity coefficient in pure solution of same ionic 
strength as the total ionic strength of the mixed solution  
γ Activity coefficient  
γ± Mean activity coefficient  
∆Co Drop in cobalt concentration g/l 
∆G°f Standard Gibbs energy of formation kJ/mole 
∆H Enthalpy change for complex formation kJ/mole 
∆H°f Standard enthalpy of formation kJ/mole 
∆HCl Change in hydrochloric acid concentration M 
∆pH pH shift due to liquid junction potential  
∆pH pH difference between anolyte and catholyte  
λ Equivalent conductivity Ω-1 m-1 
υ Stoichiometric coefficient  
φ Osmotic coefficient  
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APPENDIX 
 
Estimation of electrolyte pH in anode compartments 
 
Since the extent of anodic deposition of cobalt oxide during cobalt 
electrowinning was found to be highly dependent on electrolyte acidity, it 
was focused on how the various electrolysis parameters influenced the 
electrolyte pH in the anode compartments. In preliminary cobalt experiments 
performed in the electrowinning pilot plant, it was observed that the pH in 
the dechlorinated anolyte was somewhat higher than in the catholyte 
overflow. This was surprising, since in the nickel tankhouse the anolyte pH 
is considerably lower than the catholyte pH (pH ~2) [20]. Chlorination and 
subsequent nitrogen stripping of cobalt chloride electrolyte at pH 1 and 60°C 
did not result in any change in the measured pH, indicating negligible 
chlorine hydrolysis and stripping of HCl under these conditions. Anolyte 
sampled from the pilot plant manifold, saturated with chlorine, was also 
found to have the same pH as the substantially Cl2-free electrolyte leaving 
the dechlorination facility. 
 
Another hypothesis was that depletion of the catholyte in between the 
closely spaced electrodes could give an increased pH in the electrolyte 
sucked into the anode compartments. The catholyte was, therefore, sampled 
from different positions of the electrowinning cell during operation, and 
submitted to cobalt analysis and pH measurement. No significant 
concentration gradients were detected neither in the longitudinal nor vertical 
direction. Furthermore, the composition of the catholyte from the cell outlet 
and from within the cell was similar, indicating efficient electrolyte mixing. 
 
It was then suggested that the increased pH in the anolyte versus the 
catholyte could be attributed to hydrogen ions taking part in the current 
transport across the diaphragm, thus migrating out of the anode bags towards 
the cathodes. To support this explanation, the anolyte pH was calculated 
from the proton material balance for an anode compartment at similar 
electrowinning conditions as studied experimentally. The assumptions and 
simplifications made, the equations used and the results from these 
calculations are outlined in the following paragraphs. The calculated 
differences in pH between the anolyte and the catholyte are compared 
graphically with the experimental measurements in section 4.3. 
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A.1 Assumptions and simplifications 
 
In order to be able to estimate the electrolyte pH in the anode compartments, 
some assumptions and simplifications were necessary, which can be 
summarized as follows: 
 
• The electrolyte was assumed to be an all-chloride solution containing 
Co2+, Na+, H+ and Cl- ions dissolved in water. As shown in Table 3.1, the 
concentrations of other elements in the Xstrata Nikkelverk cobalt 
electrolyte are usually very low. 
 
• Diffusion coefficients at infinite dilution and 25°C were used throughout. 
Transport numbers are normally only moderately affected by changes in 
concentration and temperature, since according to the Stokes-Einstein 
equation, the diffusion coefficients are modified to the same extent for 
each species [128]. 
 
• Except for the hydrogen ion, unit activity coefficients were employed. 
Furthermore, complete ion dissociation was assumed, and the 
calculations did not include any chloro complex formation. Fig. 2.17 
shows that the cation transport number in aqueous CoCl2 solution 
decreases only slightly with increasing concentration. 
 
• It was further assumed that there were no concentration gradients in the 
electrolyte within the diaphragm, which means that it was supposed to 
have the same composition as the catholyte. The high linear velocity of 
electrolyte flow through the tightly woven diaphragm cloth, from the 
cathode compartment into the anode compartments, minimized the 
degree of back-diffusion. Hence, the concentration gradient of H+ was 
supposed to be located inside the anode bags, close to the diaphragm. 
When studying cobalt electrowinning from sulphate solution in a divided 
cell, Lenthall and Bryson [14] were able to inhibit back-diffusion of H+ 
ions by operating with a bulk flow through the diaphragm corresponding 
to 7.4 l/h,m2 diaphragm area. This flow rate is several times lower than 
the anolyte flows in the present work, typically 50 l/h,m2 diaphragm area. 
 
• Due to the absence of any significant concentration gradients in the 
catholyte, its composition was regarded as uniform and identical to the 
catholyte overflow, which was sampled and analyzed in each test. 
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• The presence of water vapour was neglected in the anode gas. In any 
case, the oxygen analysis was rather rough owing to its low 
concentration compared to that of chlorine and the possible 
contamination by air. 
 
• Any loss of water from the anode compartments and the dechlorination 
facility was ignored, so that the flow of anolyte was considered to be the 
same as the measured flow of dechlorinated anolyte. 
 
• The two end anodes were regarded as one regular anode, i.e. the 
electrowinning cell was treated as if it contained 5 equal anodes. The end 
anodes received approximately half the current compared to the regular 
anodes having a cathode on either side, however, the flow of electrolyte 
into the end anodes was probably not that much reduced. 
 
 
A.2 Equations used to estimate anolyte pH 
 
The equations employed when calculating the material balance of protons, 
giving the electrolyte pH in the anode compartments, are explained below. 
Relevant fluxes J of H+ and volumetric flows F are indicated in the principle 
drawing of the electrowinning cell depicted in Fig. A.1. 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
Figure A.1 Principle drawing of the electrowinning cell with indicated 
transport of hydrogen ions. 
 238 Appendix 
During cobalt electrowinning from cobalt chloride solution, hydrogen ions 
are transported through the aqueous electrolyte by migration, diffusion and 
convection. Since no concentration gradients were assumed for the 
electrolyte in the diaphragm, transport of H+ between the cathode and anode 
compartments is restricted to convective transport into the anode bags, 
Jconv,in, along with H+ migration in the opposite direction towards the 
cathodes, Jmigr,out. Inside the anode compartments, acid is generated due to 
the anodic evolution of oxygen and CoOOH deposition on the anodes: 
 
 2 H2O = O2 + 4 H+ + 4 e- (A.1) 
 
 Co2+ + 2 H2O = CoOOH + 3 H+ + e- (A.2) 
 
In addition to migration, protons may leave the anode compartments with the 
anolyte withdrawn from the anode hoods, Jconv,out. This gives the following 
material balance of H+ for an anode compartment, where XO2 and XCoOOH 
denote the rates of H+ formation from oxygen evolution and anode scaling 
respectively: 
 
 CoOOHOout migr,in conv,out conv, XXJJ/h)H (molesJ 2 ++−=+  (A.3) 
 
The convective transport of H+ into a single anode bag was calculated from: 
 
 anolytecatholyte ,Hin conv,
Fc/h)H (molesJ +=+  (A.4) 
 
where cH+,catholyte is the concentration of H+ in the catholyte and Fanolyte the 
flow of anolyte per anode. cH+,catholyte was calculated from the pH measured 
at room temperature, and then adjusted by the activity coefficient of H+, γH+: 
 
 
++
+
+
−
==
H
pH
H
catholyte ,H
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 (A.5) 
 
γH+ was estimated by the addition of portions of hydrochloric acid to the 
cobalt chloride electrolyte and measuring the pH decrease, see section 2.7.7. 
A γH+ value of 2 was used in all calculations, except when dealing with 
cobalt concentration deviating appreciably from 55 g/l, i.e. in the series 
involving variation of the CoCl2 concentration. 
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The migration term in equation A.3, independent of the extent of convective 
flow, was obtained according to: 
 
 +=
+
Hout migr,  tF
I 3600/h)H (molesJ  (A.6) 
 
where I is the current per anode, i.e. 400 A, except for the experiments 
involving different current densities, F is the Faraday constant and tH+ is the 
transport number of the hydrogen ions. 
 
The transport number ti of component i, i.e. the fraction of the current carried 
by this component, can be defined as [128]: 
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where zi is the ionic charge and ui the mobility of species i. The transition 
from mobility to diffusion coefficient Di was done according to the Nernst-
Einstein equation, which says that the diffusion coefficient is proportional to 
the mobility at constant temperature. The transport number of the hydrogen 
ion in the cobalt electrolyte was, therefore, calculated by the equation: 
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 (A.8) 
 
The diffusion coefficients used to estimate the H+ transport number are listed 
in Table A.1. Note the high value of DH+, about one order of magnitude 
larger than for the other ions in the system, due to the unique Grotthuss 
proton hopping mechanism through water [128]. This means that even 
though the concentration of hydrogen ions is low, they may contribute 
considerably to the current transport. 
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Table A.1 Diffusion coefficients at infinite dilution in water at 25°C. 
D · 109 Ion (m2/s) 
Co2+ 0.7318 
Na+ 1.334 
H+ 9.312 
Cl- 2.032 
Data from Newman [196], except for Co2+, which was taken from Robinson and Stokes 
[110]. 
 
Acid formation from the small amounts of oxygen liberated parallel to 
chlorine evolution was estimated by the equation: 
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where VO2 denotes the volume fraction of oxygen in the anode gas, as 
analyzed by using the Orsat apparatus (section 3.2.3). Acidification of the 
anolyte due to anode scaling was calculated from: 
 
 
F
CE I 108
100
CE
F
I 36003/h)H (molesX CoOOHCoOOHCoOOH =⋅=+  (A.10) 
 
The average current efficiency for anodic CoOOH deposition, as obtained in 
each experiment, was employed in equation A.10. 
 
After the convective flow of protons out of the anode compartment was 
calculated from equation A.3, the anolyte pH was derived by the relation: 
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anolyte
out conv,
Hanolyte ,HHanolyte ,Hanolyte F
J
γ logcγloga logpH  (A.11) 
 
Finally, ∆pH was defined as the difference between the anolyte pH and the 
catholyte pH: 
 
 catholyteanolyte pHpH∆pH −=  (A.12) 
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A.3 Influence of electrowinning parameters on the estimated anolyte pH 
 
In this section, results are presented from the calculations of anolyte pH at 
the various cobalt electrowinning conditions studied in the pilot plant. The 
measured oxygen content in the anode gas and the measured anolyte flow 
rates are also reported for each electrolysis parameter studied. In the case of 
HCl addition to the anode compartments and the addition of H2O2 to the 
electrolyte, the calculations were slightly modified, as outlined in the 
respective paragraphs. 
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A.3.1 Effect of catholyte pH 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
Figure A.2 Effect of catholyte pH on a) oxygen content of the anode gas and 
b) anolyte flow rate. 
 
Range of values used in the calculations (pH 0.5 → 1.6 in the catholyte): 
 
 VO2: 0.3 → 2.1 % 
 Fanolyte: 74 → 124 l/h,anode 
 CECoOOH: 0 → 0.12 % 
 
Table A.2 Calculated proton material balance for a single anode 
compartment, and difference in pH between the anolyte and the 
catholyte, at various catholyte pH values. 
Jconv,in Jmigr,out XO2 XCoOOH Jconv,out pHcatholyte tH+ (moles/h) (moles/h) (moles/h) (moles/h) (moles/h) ∆pH 
0.5 0.18 11.7 2.6 0.09 0.000 9.1 0.11 
0.6 0.15 9.7 2.2 0.11 0.000 7.7 0.10 
0.7 0.12 8.1 1.8 0.13 0.000 6.5 0.10 
0.8 0.10 6.8 1.5 0.16 0.000 5.5 0.09 
0.9 0.08 5.6 1.2 0.19 0.001 4.6 0.08 
1.0 0.06 4.7 1.0 0.22 0.004 4.0 0.07 
1.1 0.05 3.9 0.8 0.26 0.009 3.4 0.06 
1.2 0.04 3.2 0.6 0.31 0.015 3.0 0.04 
1.3 0.03 2.7 0.5 0.37 0.023 2.6 0.02 
1.4 0.03 2.3 0.4 0.44 0.033 2.3 -0.01 
1.5 0.02 1.9 0.3 0.51 0.042 2.1 -0.05 
1.6 0.02 1.6 0.3 0.61 0.052 2.0 -0.10 
Constant in catholyte (g/l): Co 54, Na 2.3, Cl 70. 
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A.3.2 Effect of catholyte cobalt chloride concentration 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
Figure A.3 Effect of catholyte cobalt chloride concentration on a) oxygen 
content of the anode gas and b) anolyte flow rate. 
 
Range of values used in the calculations (35 → 75 g/l Co in the catholyte): 
 
 VO2: 1.2 → 0.8 % 
 Fanolyte: 98 → 95 l/h,anode 
 CECoOOH: 0.008 → 0.045 % 
 
Table A.3 Calculated proton material balance for a single anode 
compartment, and difference in pH between the anolyte and the 
catholyte, at various cobalt chloride concentrations in the 
catholyte. 
Cocatholyte Jconv,in Jmigr,out XO2 XCoOOH Jconv,out 
(g/l) γH+
 * tH+ (moles/h) (moles/h) (moles/h) (moles/h) (moles/h) ∆pH 
35 1.4 0.11 5.8 1.6 0.36 0.004 4.6 0.11 
45 1.7 0.07 4.8 1.1 0.33 0.006 4.0 0.08 
55 2.1 0.05 3.9 0.8 0.30 0.009 3.5 0.05 
65 2.5 0.04 3.2 0.5 0.28 0.013 2.9 0.04 
75 3.0 0.03 2.6 0.4 0.25 0.020 2.5 0.02 
Constant in catholyte: pH 1.08, Na 2.9 g/l, Cl:Co ratio 1.3 (by weight). 
*
 Estimated values for γH+ at 25°C based on pH measurements in CoCl2 electrolytes carried 
out by Kongstein [65] (Table C.1 p. 199). 
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A.3.3 Effect of catholyte temperature 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
Figure A.4 Effect of catholyte temperature on a) oxygen content of the anode 
gas and b) anolyte flow rate. 
 
Range of values used in the calculations (50 → 70°C in the catholyte): 
 
 VO2: 1.3 → 0.8 % 
 Fanolyte: 88 → 99 l/h,anode 
 CECoOOH: 0.008 → 0.03 % 
 
Table A.4 Calculated proton material balance for a single anode 
compartment, and difference in pH between the anolyte and the 
catholyte, at various catholyte temperatures. 
Tcatholyte Jconv,in Jmigr,out XO2 XCoOOH Jconv,out 
(°C) tH+ (moles/h) (moles/h) (moles/h) (moles/h) (moles/h) ∆pH 
50 0.06 3.9 0.9 0.40 0.004 3.5 0.05 
55 0.06 4.0 0.9 0.35 0.005 3.5 0.06 
60 0.06 4.2 0.9 0.31 0.007 3.6 0.06 
65 0.06 4.3 0.9 0.27 0.010 3.7 0.06 
70 0.06 4.4 0.9 0.23 0.013 3.8 0.07 
Constant in catholyte: pH 1.05, Co 53 g/l, Na 2.4 g/l, Cl 69 g/l. 
 
 
 
 
 
 
0
1
2
3
50 55 60 65 70
Catholyte temperature (°C)
V O
2 
(%
)
a)
0
50
100
150
50 55 60 65 70
Catholyte temperature (°C)
F a
n
ol
yt
e 
(l/h
,a
n
o
de
)
b)
 Appendix 245 
A.3.4 Effect of current density 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
Figure A.5 Effect of current density on a) oxygen content of the anode gas 
and b) anolyte flow rate. 
 
Range of values used in the calculations (current density 100 → 350 A/m2): 
 
 VO2: 1.4 → 0.6 % 
 Fanolyte: 76 → 110 l/h,anode 
 CECoOOH: 0.011 → 0.016 % 
 
Table A.5 Calculated proton material balance for a single anode 
compartment, and difference in pH between the anolyte and the 
catholyte, at various current densities. 
Cath. CD
 
Jconv,in Jmigr,out XO2 XCoOOH Jconv,out 
(A/m2) pHcatholyte tH+ (moles/h) (moles/h) (moles/h) (moles/h) (moles/h) ∆pH 
100 1.03 0.06 3.5 0.4 0.20 0.002 3.3 0.03 
150 1.04 0.06 3.8 0.6 0.25 0.004 3.4 0.04 
200 1.04 0.06 4.0 0.8 0.28 0.005 3.5 0.06 
250 1.04 0.06 4.3 1.0 0.29 0.007 3.6 0.08 
300 1.05 0.06 4.6 1.2 0.29 0.009 3.7 0.09 
350 1.05 0.06 4.9 1.4 0.29 0.011 3.8 0.11 
Constant in catholyte (g/l): Co 55, Na 2.7, Cl 72. The cathode area was 1.89 m2. 
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A.3.5 Effect of anode suction 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
Figure A.6 Effect of anode suction on a) oxygen content of the anode gas 
and b) anolyte flow rate. 
 
Range of values used in the calculations (anode suction 50 → 110 mm w.g.): 
 
 VO2: 1 % The high O2 content measured at high anode suction 
was caused by air leakage. 
 Fanolyte: 48 → 138 l/h,anode 
 CECoOOH: 0.018 → 0.013 % 
 
Table A.6 Calculated proton material balance for a single anode 
compartment, and difference in pH between the anolyte and the 
catholyte, at various anode suction. 
Suction
 
Jconv,in Jmigr,out XO2 XCoOOH Jconv,out 
(mm w.g.) tH+ (moles/h) (moles/h) (moles/h) (moles/h) (moles/h) ∆pH 
50 0.06 2.2 0.8 0.30 0.008 1.6 0.12 
60 0.06 2.9 0.8 0.30 0.008 2.3 0.09 
70 0.06 3.6 0.8 0.30 0.007 3.0 0.07 
80 0.06 4.2 0.8 0.30 0.007 3.7 0.06 
90 0.06 4.9 0.8 0.30 0.007 4.4 0.05 
100 0.06 5.6 0.8 0.30 0.006 5.1 0.04 
110 0.06 6.3 0.8 0.30 0.006 5.7 0.04 
Constant in catholyte: pH 1.04, Co 55 g/l, Na 2.6 g/l, Cl 73 g/l. 
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A.3.6 Effect of inlet flow rate 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
Figure A.7 Effect of inlet flow rate on a) oxygen content of the anode gas 
and b) anolyte flow rate. 
 
Range of values used in the calculations (inlet flow rates 0.5 → 3.5 m3/h): 
 
 VO2: 0.9 → 0.8 % 
 Fanolyte: 67 → 111 l/h,anode 
 CECoOOH: 0.021 → 0.009 % 
 
Table A.7 Calculated proton material balance for a single anode 
compartment, and difference in pH between the anolyte and the 
catholyte, at various inlet flow rates. 
Finlet Jconv,in Jmigr,out XO2 XCoOOH Jconv,out 
(m3/h) pHcatholyte tH+ (moles/h) (moles/h) (moles/h) (moles/h) (moles/h) ∆pH 
0.5 1.08 0.05 2.8 0.8 0.28 0.010 2.3 0.08 
1 1.05 0.06 3.3 0.8 0.27 0.009 2.8 0.08 
1.5 1.04 0.06 3.7 0.9 0.26 0.008 3.2 0.07 
2 1.03 0.06 4.1 0.9 0.26 0.007 3.5 0.07 
2.5 1.03 0.06 4.5 0.9 0.25 0.006 3.9 0.06 
3 1.03 0.06 4.9 0.9 0.24 0.005 4.2 0.06 
3.5 1.03 0.06 5.2 0.9 0.23 0.004 4.6 0.06 
Constant in catholyte (g/l): Co 56, Na 3, Cl 71. 
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A.3.7 Effect of hydrochloric acid addition 
 
In the case where HCl was added to the anode compartments, the following 
term was included in the proton material balance (equation A.3): 
 
 
5
Fc
N
Fc/h)H (molesJ HClHCl
anode
HClHCl
HCl ==
+
 (A.13) 
 
where cHCl is the concentration of the added acid (405 g/l HCl), FHCl the rate 
of total HCl addition (l/h) and Nanode is the number of anodes. 
 
Table A.8 Data used in the calculations of anolyte pH at various HCl 
additions to the anode compartments. 
FHCl Cocatholyte Clcatholyte VO2 CECoOOH Fanolyte 
(l/h) pHcatholyte (g/l) (g/l) (%) (%) (l/h,anode) 
0.6 1.10 52 67 1 0.006 100 
2.3 1.11 52 67 1.5 0.001 96 
4.4 1.61 53 69 4 0.0004 78 
Constant in catholyte (g/l): Na 2.2. 
 
Table A.9 Calculated proton material balance for a single anode 
compartment, and difference in pH between the anolyte and the 
catholyte, at various HCl additions to the anode compartments. 
FHCl Jconv,in Jmigr,out XO2 XCoOOH JHCl,in Jconv,out 
(l/h) tH+ (moles/h) (moles/h) (moles/h) (moles/h) (moles/h) (moles/h) ∆pH 
0.6 0.05 4.0 0.8 0.30 0.003 1.3 4.8 -0.08 
2.3 0.05 3.7 0.8 0.44 0.001 5.1 8.5 -0.36 
4.4 0.02 1.0 0.2 1.15 0.000 9.8 11.6 -1.08 
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A.3.8 Effect of hydrogen peroxide addition 
 
Introduction of H2O2 to the anode compartments during cobalt 
electrowinning resulted in acid formation by reaction with chlorine: 
 
 Cl2 + H2O2 = O2 + 2 HCl (A.14) 
 
In the case of H2O2 addition, the anolyte pH was calculated in two 
alternative ways. The oxygen content of the anode gas was used in the first 
method, and it was assumed that all the oxygen measured was generated 
according to equation A.14. The XO2 term in equation A.3 was, therefore, 
replaced by: 
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In the second method, all H2O2 entering the anode bags was assumed to be 
totally decomposed by the excess amount of chlorine present (anodic O2 
evolution was ignored here as well). Equations A.16 and A.17 were then 
used to calculate the generated acid when H2O2 was added to the inlet and 
directly to the anode compartments respectively: 
 
 
inlet
anolyteOHOH
inlet
anolyteOHOH
inlet ,OH F 500
FFc
F 1000
FFc 2
/h)H (molesX 22222222
22
==
+
 (A.16) 
 
 
5
F2c
N
Fc
2/h)H (molesX 22222222
22
OHOH
anode
OHOH
anode ,OH ==
+
 (A.17) 
 
cH2O2 is the concentration of the H2O2 solution added (378 g/l H2O2), FH2O2 
the total rate of H2O2 addition (l/h) and Finlet is the inlet flow rate (m3/h). 
 
Table A.10 Data used in the calculations of anolyte pH at various H2O2 
additions. 
H2O2 addition Cocatholyte Clcatholyte VO2 CECoOOH Fanolyte 
(l/h)  pHcatholyte (g/l) (g/l) (%) (%) (l/h,anode) 
0.9 To inlet 1.12 52 69 10 0.014 67 
1.2 * To anodes 1.07 53 70 32 0.0007 77 
Constant in catholyte (g/l): Na 2. 
*
 The total quantity of H2O2 added to all the anodes. 
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Table A.11 Proton material balance for a single anode compartment, and 
difference in pH between the anolyte and the catholyte, at 
various H2O2 additions. The calculations were based on the 
measured oxygen content in the anode gas. 
H2O2 Jconv,in Jmigr,out XCoOOH XO2,H2O2 Jconv,out 
(l/h) tH+ (moles/h) (moles/h) (moles/h) (moles/h) (moles/h) ∆pH 
0.9 1 0.05 2.5 0.8 0.006 1.4 3.2 -0.10 
1.2 2 0.06 3.3 0.8 0.000 4.8 7.2 -0.34 
1
 H2O2 addition to the inlet of the electrowinning cell. 
2
 H2O2 addition to the anode compartments (total quantity for all the anodes). 
 
Table A.12 Proton material balance for a single anode compartment, and 
difference in pH between the anolyte and the catholyte, at 
various H2O2 additions. The calculations were based on the 
quantity of H2O2 added. 
H2O2 Jconv,in Jmigr,out XCoOOH XH2O2 Jconv,out 
(l/h) tH+ (moles/h) (moles/h) (moles/h) (moles/h) (moles/h) ∆pH 
0.9 1 0.05 2.5 0.8 0.006 0.9 2.7 -0.02 
1.2 2 0.06 3.3 0.8 0.000 5.3 7.8 -0.37 
1
 H2O2 addition to the inlet of the electrowinning cell. 
2
 H2O2 addition to the anode compartments (total quantity for all the anodes). 
 
 
